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Laboratory kinetic studies of reactions relevant to interstellar environments 
have been performed using a pulsed Laval nozzle apparatus coupled with 
pulsed laser photolysis-laser induced fluorescence spectroscopy in the 
temperature range 54-148 K. 
Rate coefficients for the reactions of the hydroxyl radical with several 
oxygenated organic molecules are reported in Chapters 3 and 4. At low 
temperatures, the rate coefficients for these reactions are found to be 
significantly enhanced despite barriers to hydrogen abstraction. A common 
mechanism has been identified involving the initial formation of a weakly 
bound complex (~ 15-30 kJ mol-1), which has an extended lifetime at lower 
temperatures. The extended lifetime of the complex facilitates two competing 
channels: collisional stabilisation into the pre-barrier well, or quantum 
mechanical tunnelling through the hydrogen abstraction barrier. The role of 
these channels is assessed through studies of pressure dependence. The 
mechanism is also found to be operative for even very weakly bound 
complexes, such as in the reaction of OH with ammonia as reported in 
Chapter 5. Pressure dependence and product detection studies enable the 
low temperature yield of NH2 radicals from this reaction to be quantified. The 
potential interstellar implications of these reactions in light of the rate 
coefficients obtained in this work are reported. 
In Chapter 6, the reaction of the postulated products from the OH + 
methanol and ethanol reactions, methoxy and ethoxy radicals, with NO are 
studied for the first time at low temperatures. The role of pressure 
stabilization of the complex, RONO, versus bimolecular product formation is 
investigated through pressure dependence studies and detection of the NO 
+ methoxy radical product, HCHO, via laser induced fluorescence 
spectroscopy. 
The low temperature high pressure limiting rate coefficients of the OH + 
oVOC and OH + NH3 reactions are explored in Chapter 7 using the proxy 
method of Jaffer, Smith, Quack and Troe. Rate coefficients for the reactions 
are obtained at different quanta of vibrational excitation of OH, and the 
validity of the proxy method for weakly bound complexes at low 
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Chapter 1. Introduction 
1.1 Low temperature environments – the interstellar medium 
The interstellar medium (ISM) is the name given to the diverse regions of 
space located between stars, where temperatures and densities have been 
found to vary by orders of magnitude, from 10-200 K and from 10-4 to 109 
molecule cm-3.1,2 Chemical models (also known as networks) of these 
regions which are constructed from the results of observational studies have 
identified significant deficiencies in the knowledge of the mechanisms and 
rate coefficients by which molecules react with one another at the extreme 
temperatures of space.3,4 However, symbiosis within the astrochemical 
community through laboratory, modelling and observational studies via 
telescopes has greatly enhanced understanding about the origins of several 
molecules. The chemistry occurring within interstellar environments can be 
grouped into three classifications: gas, dust and ice, and the role of each will 
be briefly covered.   
Gas phase species dominate the interstellar medium, with ~ 99 % of 
interstellar cloud mass being in the gas phase.5,6 Around 180 molecules 
(excluding their isotopologues) have been discovered within the gas phase 
of interstellar environments to date including organic molecules, metal atom 
containing species and recently, rare gas atom containing species.2,5 
Organic molecules dominate the species detected thus far, from small 
molecules such as methanol, to large structures such as polycyclic aromatic 
hydrocarbons (PAHs) and a selection of the smaller species detected as 
summarised in Table 1. 1 5 
The detection of these species has largely been facilitated by rotational 
spectroscopy in the mm to sub-mm range, and the relative intensities of the 
rotational lines have also been exploited to obtain local temperatures.2,5 
Vibrational spectroscopy is also employed, primarily for the detection of 







Table 1. 1 : Selection of some C, N, O and H containing neutral molecules detected in 
interstellar environments. Bold typeface indicates a radical species. Adapted from Smith, 

















The majority of molecules are found within so-called interstellar (or 
molecular) clouds, which can be partitioned into two categories: diffuse and 
dense. Diffuse clouds are very low pressure environments with around 100 
molecule cm-3, and as such UV radiation can penetrate the clouds leading to 
the destruction of molecules.6 Dense clouds are the sites of star formation 
and is where the majority of chemical interest lies, particularly in the cold 
regions where temperatures are between 10-100 K. The most abundant 
molecule detected in interstellar clouds is H2, with CO following behind with 
a relative concentration of ~ 0.01 % of that of H2.7 Saturated organic 
molecules can act as a chemical marker for hot cores which are higher 
density regions towards protostars (regions in the early stages of star 
formation).2,10  Conversely, unsaturated long chain carbon species are 
primarily found within the cold and dark regions where star formation is yet 
to begin.5 As such, the abundance and functional groups of detected 
molecules can be used as an indicator of the age of the cloud.  
 3 
The role of gas phase chemistry in interstellar environments has long been 
recognised, with emphasis placed on ion-molecule reactions which have 
large rate coefficients even at very low temperatures.2 The development of 
new experimental techniques which enable low temperature rate coefficient 
measurements of neutral-neutral reactions (see Chapter 2) has shone light 
on the role of barrierless reactions which often have weak temperature 
dependencies and thus persist at conditions relevant to interstellar clouds. 
Whilst gas phase chemistry has been shown to be important to the formation 
of many complex molecules, existing knowledge was unable to rationalise 
the abundance of molecular hydrogen. The low density of interstellar clouds 
means that mechanisms which proceed via third body stabilisation are not 
usually viable, and so another pathway must be considered.  
The widely accepted major route for the formation of molecular hydrogen in 
interstellar environments is the recombination of hydrogen atoms on the 
surface of what are known as grains.6,11-14 Grains (also known as dust) are 
particles of amorphous silicon or carbon which are typically 0.001 – 1 mm in 
size. Grains are thought to act as a ‘reservoir’ for gas phase species at very 
low temperatures (~ 10 K). The heterogeneous formation of molecules on 
the surface of grains proceeds via the initial adsorption of the gaseous 
species on the surface of the grain. The enhanced contact time between the 
molecules, which can ‘hop’ around the surface of the grain via diffusion, 
leads to a higher probability of reaction and the grain itself acts as a third 
body for the removal of excess energy following bond formation.2 Molecules 
can then be released into the gas phase immediately (in the case of 
molecular hydrogen) or following a temperature increase or shock wave.7,15 
In the very cold regions of interstellar clouds the grains are covered by ices 
which largely comprise water. Other species including methanol, CO, CO2, 
HCHO, NH3 and CH4 have also been detected in ices, with summed 
abundances of ~ 5-50 % of that of water ices.5  
Ice and grain related chemistry has been able to establish the formation 
pathways of some small organic molecules, for example HCHO and 
methanol are thought to be produced on the surface of grains and ices from 
the successive hydrogenation of CO.7 However, the formation of some of the 
species detected within the ISM cannot be rationalised thus far by these 
mechanisms. The methoxy radical (CH3O) which has recently been detected 
in interstellar space for the first time by Cernicharo et al., could not be 
produced in a laboratory simulation experiment of UV and ion irradiation of 
ices.9 It was found in the case of methanol ices, it is exclusively the isomer 
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of methoxy, CH2OH, which is produced. The authors concluded that the 
observed interstellar methoxy must be formed by gas-phase reactions, and 
hence the focus of studies on new pathways to complex molecule formation 
has come full circle.  
Detection of radicals such as OH (which is known in Earth’s atmosphere for 
its reactivity towards volatile species 16) in interstellar molecular clouds close 
in proximity to organic species such as methanol,17  alludes to a pathway by 
which species such as methoxy may be formed. Indeed, a recent study on 
the OH + methanol reaction in the gas phase at low temperatures reported 
an enhanced rate coefficient at low temperatures despite a significant barrier 
to reaction. This reaction is thought to proceed via a mechanism involving 
quantum mechanical tunnelling, and at 100 K yields ~ 80 % methoxy radical 
products according to master equation modelling.18 Quantum mechanical 
tunnelling pathways have also been the subject of recent interest for grain 
and ice chemistry. Evidence has been found in laboratory experiments for 
the rapid diffusion of oxygen atoms on ice and silicate grain surfaces, which 
Minisalle and Congiu et al. rationalised by quantum tunnelling through the 
barriers to diffusion.19-21 Oba et al. have recently observed rapid reaction of 
H atoms with solid H2O2 ices despite barriers to reaction.22 A significant 
kinetic isotope effect was also observed when deuterated studies were 
performed, and the authors interpreted their results as evidence for the 
reaction operating via quantum mechanical tunnelling.22  
Gas phase reactions such as OH + methanol have previously been 
disregarded in astrochemical models due the presence of the barrier to 
reaction on the potential energy surface. Extrapolation of the rate coefficient 
for such reactions using the Arrhenius equation (see section 1.2.2) would 
lead to a much lower rate coefficient than has recently been experimentally 
measured, and as such has previously been termed too slow to be of 
importance in cold interstellar environments. The laboratory and theoretical 
study of the reactions of neutral species, such as the detected organic 
species with OH, is therefore important to developing a better understanding 
of the temporal development of the ISM.23 
In the following sections, the theoretical basis of elementary reaction kinetics 
will be outlined as well as some kinetic theories which are often used to 
rationalise and predict the behaviour of neutral reactions. In this work the 
kinetics of radicals such as OH with several species known to be present in 
interstellar environments has been studied. Many of the rate coefficients 
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obtained in this work and reported here are measured below 200 K for the 
first time.  
 
1.2 Reaction kinetics 
To rationalise and predict experimentally observed phenomena, many 
kinetic theories have been developed over time. The forthcoming sections 
will outline some of these theories and the approximations which are made 
in their formulation. However, to understand the relative importance of a 
given reaction and to subsequently examine its agreement with theoretical 
predictions, the rate coefficient firstly needs to be extracted from 
experimental data. The rate equations of two types of elementary reactions 
will be derived below.  
Considering first the unimolecular reaction of species A (R1.1), which 
proceeds with a rate coefficient, k1.1.  !! !!!!!!!!!.!!!!!!!! !"#$%&'(        R1.1  
From R1.1, it can be seen that the rate coefficient is directly proportional to 
the change in concentration of A with time, which yields the differential 
equation E1.1. ![!]!" = −!!.![!]        E1.1 
Integration of E1.1 yields E1.2 which shows that concentration of the 
reactant in a first order reaction decays exponentially with time. ! ! = ! !exp!(−!!.!!)       E1.2 
Therefore, the rate coefficient for R1.1 can be obtained experimentally by 
measuring the temporal evolution of the concentration of A, or some 
property proportional to it (such as fluorescence, phosphorescence or 
conductivity), and fitting its concentration-time profile with an expression for 
exponential decay. 
The kinetic scheme for an elementary bimolecular reaction between species 
A and B is given in R1.2. ! + !! !!!!!!!!!.!!!!!!!!! !"#$%&'(       R1.2 
where k1.2 is the bimolecular rate coefficient for the reaction. The rate 
equation for the reaction can be expressed as shown in E1.3. 
 ![!]!" = −!!.![!][!]        E1.3 
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Integration of E1.3 yields E1.4, and it can be seen that for the rate coefficient 
to be known, the concentrations of both A and B with time must be followed.  ! ! = [!]![!]![!]! exp!(− ! ! − ! ! !!.!!)     E1.4 
One way to overcome this experimental challenge is to put one reactant in 
such large excess that its concentration can be considered to be constant 
throughout the reaction. Therefore the second order rate equation (E1.4) can 
be reduced to a pseudo first order one (E1.5) and the reaction is therefore 
said to be performed under pseudo first order conditions. ![!]!" = −!!"#[!]        E1.5 
where !!"# = !!.![!]        E1.6 
Pseudo first order conditions are routinely employed for laboratory kinetic 
studies and have been utilised for the kinetic studies of bimolecular reactions 
in this work. 
 
1.2.1 The pressure dependence of association reactions: 
Lindemann-Hinshelwood theory. 
It has been observed that association reactions, for example the reaction of 
OH + ethene, exhibit a pressure dependence upon their rate coefficient, 
which then reaches a plateau at high pressures.24-26 The Lindemann-
Hinshelwood mechanism rationalises this behaviour by the formation of the 
association complex with a large degree of internal excitation. The excited 
association complex will either be stabilised via collisions with an unreactive 
bath gas, M, or it will dissociate back to reactants. Whilst the Lindemann-
Hinshelwood mechanism was originally developed to describe the activation 
and subsequent reaction of a unimolecular reactant, it can be adapted, as it 
has been in this work, to describe the pressure dependence of an 
association reaction (reverse of a unimolecular dissociation) species A and 
B.  ! + !! !!!!!!!!!!!!!!! !!!∗        R1.3 !!∗ ! !!!!!!!!!!!!!!!! !! + !        R1.4 !"∗ +! !!!!!!!!!!!!!!!! !! +!       R1.5 
In the above scheme, species A and B can associate to form an activated 
complex, AB*, which has two fates: redissociation to reactants (R1.4) or 
 7 
stabilisation via collisions with the bath gas, M, to yield the stabilised adduct 
(R1.5).  
The rate expression for the activated complex is described by E1.7 and 
given it is a short lived energetically excited intermediate, the steady state 
approximation can be applied, so that after an initial induction period, its 
concentration does not change with time.   
 ![!"∗]!" = −!!! !"∗ + !! ! ! − !! !"∗ [!] ≈ 0   E1.7 
and therefore  !"∗ = !! ! [!]!! ! !!!!        E1.8 
The rate expression for the stabilised adduct, AB, can be described by E1.9 
assuming the steady state approximation for the energised adduct. ![!"]!" = !! !!∗ ! = !!!! ! ! [!]!! ! !!!!       E1.9 
Two limiting cases can be observed from E1.9. At low pressures where ks[M] 
<< k-a and the rate of stabilisation is therefore less than the rate of 
dissociation, it can be assumed that ks[M] + k-a is approximated by k-a, 
yielding E1.10. In the low pressure regime the overall rate coefficient for the 
reaction of species A with B to form the stable adduct AB, is linearly 
dependent on pressure and is a third order process.  ![!"]!" = !!!! ! ! [!]!!!         E1.10 
At the high pressure limit, where [M] is large so that ks[M] >> k-a, E1.9 can be 
simplified to E1.11. In the high pressure limit, the rate of formation of the 
energised adduct AB* is the rate determining step and the rate coefficient is 
independent of pressure so that it is a second order process.  ![!"]!" = !!!! ! ! [!]!![!] = !! ! !       E1.11 
The overall pressure dependence of a reverse unimolecular (or association) 
process as described by the Lindemann-Hinshelwood mechanism is 
illustrated by Figure 1. 1. 
The Lindemann-Hinshelwood mechanism is able to qualitatively predict the 
pressure dependence of an association process but the model is too 
simplistic to be able to reproduce experimentally obtained results. A key 
reason for this, which was first identified by Hinshelwood, is that the model 
does not account for the energy dependence of the processes. Rice 
Ramsperger Kassel Marcus theory (see section 1.3.3) builds on the basic 
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principles of Lindemann-Hinshelwood theory but considers the energy 
dependence of rate coefficients for a given process.27 
 
 
Figure 1. 1: Pressure dependence of the rate coefficient for an association (reverse 
unimolecular) process as described by the Lindemann-Hinshelwood mechanism.  
An extended Lindemann-Hinshelwood model has been utilised in this work 
to obtain the relative contributions for collisional stabilisation and bimolecular 
channels following an association process. For further details of this work, 
see Chapter 3.  
 
1.2.2 Temperature dependence: The Arrhenius equation 
Developed in 1889 by Svante Arrhenius, the Arrhenius equation (E1.12) is 
based on experiments performed by Arrhenius in which the reaction rate 
coefficients were found to increase with temperature.28  ! = !"#$ !!!!"         E1.12 
A is the pre-exponential factor, which corresponds to the collision frequency 
of the reactant molecules. Ea! is the activation energy of the reaction, which 
is related to the relative energy between the transition state (the maximum 
on the minimum energy pathway of a reaction) and the reactants. The 
difference in these is a result of the energy required to rearrange the atoms 
and break bonds within the reactants. R and T are the gas constant (J K-1 
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mol-1) and the temperature (K) respectively. Whether or not a reaction 
conforms to Arrhenius behaviour can be verified by plotting ln(k), versus 1/T 
(as shown in Figure 1. 2). If the plot yields a straight line, Arrhenius type 
behaviour is observed over that temperature range. The intercept of the plot 
is the logarithm of the pre-exponential factor (ln A) and the gradient (-Ea/R) 
yields the activation energy of the reaction. 
Whilst the rate coefficients for many reactions conform to Arrhenius type 
behaviour over a small temperature range, numerous exceptions have been 
observed, in particular at high or very low temperatures.29-36 Two commonly 
considered reasons for deviation from Arrhenius type kinetics are the 
temperature dependence of the pre-exponential factor A (high temperatures) 
and quantum mechanical tunnelling (low temperatures), leading to a 
temperature dependent activation energy.37 
A recent perspective article by Ian Sims highlighted three extremes of  
temperature dependencies for neutral exothermic reactions. Using the 
illustration of Sims, these will be briefly summarised below.38  
 
Figure 1. 2: The temperature dependence (bottom) of neutral-neutral exothermic reactions 
for different potential energy surfaces (top), reproduced from Sims.38   
Figure 1. 2(a) shows the potential energy surface for a reaction with an 
overall barrier, such as the reaction of OH with butane.39,40 The temperature 
dependence adheres to Arrhenius-type behaviour, perhaps with some 
curvature at lower temperatures for reactions where tunnelling may play a 
role. Figure 1. 2(b) illustrates a typical potential energy surface for a 
barrierless reaction, such as the reaction of CN with O2.41-44The formation of 
an association complex below the reactant energy leads to distinctly non-
Arrhenius behaviour.   
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The complicated temperature dependence for a reaction which has a weakly 
bound complex followed by a barrier (which may be positive or submerged 
below the reactant energy)  on the potential energy surface (Figure 1. 2(c)) 
has been observed for the reaction of CN with C2H6 through low temperature 
kinetic measurements by Sims et al.45 Theoretical work by Georgievskii and 
Klippenstein was able to rationalise the observed unusual temperature 
dependence  by a two transition state model.46 At high temperatures, the 
rate determining step is traversing the submerged barrier to reaction to yield 
the bimolecular products HCN and C2H5 and so the transition state is the 
barrier to reaction. Whereas at low temperatures, the bottleneck to the 
reaction becomes the initial formation of the weakly bound complex between 
CN and C2H6 prior to the submerged barrier. Similar temperature 
dependencies have been observed by Brown et al. for the OH + HNO3 
reaction, by Shannon et al. at low temperatures and also in this work for 
reactions whereby the barrier following complex formation is positive with 
respect to reactant energy.18,47-52 
1.3 Kinetic theories 
1.3.1 Simple collision theory 
Simple collision theory (SCT) is a method of estimating the rate coefficient 
for a reaction by treating the reacting species, A and B, as hard spheres with 
no intermolecular forces.27 The rate coefficients predicted by SCT are 
dependent on two components: the number of collision events between 
species A and B, and the probability that a collision between A and B will 
lead to a reaction.  ! = !!!"#!         E1.13 
The collision cross section (s), which is defined in E1.13, determines the 
probability of a collision between species A and B and is dependent on the 
maximum intermolecular separation between species A and B that can result 
in a collision (bmax) the value of bmax is taken to be the sum of the radii of 
species A and B.  
The total number of collisions per volume per unit time is taken to be 
dependent on the number of each molecule A and B, the collision cross 
section and the relative velocities of the molecules. At a given temperature, 
the species A and B are assumed to travel at a Maxwell-Boltzmann 
distribution of velocities, and the mean relative velocity of the colliding 
species is calculated by E1.14 
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! = !!!!!" !.!         E1.14 
where kB is the Boltzmann constant, T is the temperature, and m is the 
reduced mass of A and B. The probability of reaction following collision is 
dependent on the number of molecules which have sufficient energy to 
overcome the barrier to reaction (E0) and so combining this with E1.13 and 
E1.14, the overall SCT rate coefficient is given by E1.15 ! = !!!!!" !.! !!!"#!!"# !!!!!!       E1.15 
At best, SCT is able to qualitatively predict the temperature dependence of a 
reaction.53 However, in addition to neglecting intermolecular forces, this 
simplistic model disregards that species may only react with one another in a 
particular orientation and additionally the vibrational and rotational motions 
of the molecules.53 Therefore, to obtain a more realistic prediction of reaction 
rate coefficients, these parameters need to be accounted for – the steric 
factor, r , is included in SCT  to account for differences between the 
observed and calculated rate coefficients.  
 
1.3.2 Transition state theory 
Transition state theory (TST), developed by Evans, Polanyi and Eyring 
examines the rate coefficient of a reaction by considering trajectories (a path 
taken by the reactants over the potential energy surface with time) of atoms 
or molecules over the potential energy surface for the reaction.54,55  The 
theory is based around the formation of a transition state (or activated 
complex) between the reactants, which is positioned at the maximum of the 
minimum energy pathway on the potential energy surface. The transition 
state is a high energy complex and is considered to be transient, and acts as 
a dividing surface between reactants and products. Trajectories which pass 
through the dividing surface on the potential energy surface are assumed to 
proceed straight to products without reverting back to reactants. This is 
known as the no-recrossing assumption.56 TST assumes the reactants are 
equilibrated either in a canonical (fixed temperature) or microcanonical (fixed 
exact energy) ensemble and thus either the k(T) or the k(E) values are 
obtained.37,56 
The rate coefficient can be obtained using the one way local flux over the 
dividing surface, where the probability of the trajectory proceeding over the 
dividing surface is determined by the Boltzmann distribution. The expression 
for the transition state theory rate coefficient is shown in E1.16. 
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! = !!!! !!! exp! !!!!!!         E1.16 
where E0 is the critical minimum energy of the transition state, Q!!and Q+ are 
the partition functions for the reactants and transition state respectively, h is 
Planck’s constant, kB is the Boltzmann constant and T is the temperature in 
Kelvin. The vibrational frequency corresponding to motion along the reaction 
co-ordinate is removed when calculating the partition function of the 
transition state species and is known as the imaginary frequency.  
As it is assumed that all of the trajectories crossing into the products region 
cannot  re-cross, the rate coefficient yielded from this method is the upper 
bound to the real rate coefficient.37,57 There have been several 
developments based on the principles of TST. For example, in variational 
TST, the position of the dividing surface is varied to minimise the one way 
flux crossing the dividing surface.56  Variational TST is particularly valuable 
for calculating the rate coefficients of a barrierless reaction where the 
transition state is not well defined.37 
 
1.3.3 RRKM theory 
RRKM theory is a statistical rate theory which can be considered a 
microcanonical version of transition state theory.56 RRKM theory is the 
descendant of the earlier RRK theory, which had been developed by Rice 
and Ramsperger in 1927 and additionally by Kassel in 1928.58-60  The 
improvement that RRK theory made on Lindemann-Hinshelwood theory was 
to account for the energy dependence of the rate coefficients for the 
energisation (R1.6) and reaction of the complex (R1.7), so that the rate 
coefficients were microcanonical. For a unimolecular process, an example of 
this is given below, whereby R1.8 proceeds with a rate coefficient of k2(E). !" +! !!!!!!!!"!!(!→!!!")!!!! !!"∗(! → ! + !")+!    R1.6 !"∗ +!! !!!!!!!!!!!!!!!! !!" +!       R1.7 !"∗ →! !"#$%&'(        R1.8 
Quantum RRK theory assumes that there are a number of identical 
oscillators within the molecule and all with identical associated frequencies. 
For R1.6, instead of energisation occurring within in a range of energies, 
E→E+dE, it is thought of as occurring by partitioning energy in to a particular 
quantum state of an oscillator.61 To acquire the overall rate coefficient, the 
contribution from each quantised level is summed from the minimum energy 
required to overcome the barrier to reaction. Whilst this theory was a 
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significant progression on the Lindemann-Hinshelwood mechanism, it is not 
realistic to consider the oscillators of a molecule as identical with identical 
frequencies. 
Rudolph Marcus refined the theory further in 1952 by establishing the 
distinction between an energised molecule (AB*), and an activated molecule 
(AB‡) which is otherwise known as the transition state (TS).62-64 The 
activated molecule is located at the top of the barrier between reactants and 
products. The energised molecule has sufficient internal energy to proceed 
over the barrier to reaction, and thus has sufficient energy to become an 
activated molecule, but needs to undergo vibrations in order to redistribute 
the energy in the correct vibrational mode which corresponds to the reaction 
coordinate.61  !" +! !!!!!!!!"!!(!∗→!∗!!")!!!! !!"∗(!∗ → !∗ + !") !+!   R1.9 !"∗ +!! !!!!!!!!!!!!!!!! !!" +!       R1.7 !"∗(!∗) !!!!!!!!!!(!∗)!!!!!!! !"‡ !!!!!!!!‡!!!!! !"#$%&'(     R1.11 
The overall expression for a first order rate expression from RRKM theory is 
given in E1.17.61 ! = − !!" ! !"!" = !! !∗ !!! !∗→!∗!!" /!!!!!!!!(!∗)/!!![!]!!∗!!!     E1.17 
As RRKM theory is primarily concerned with how energy can be distributed 
amongst the modes of a molecule, it is important to be able to know the 
number of modes and energy spacing between them. In the case of RRK 
theory, the modes were assumed to be of equal energy. All the vibrational 
and rotational modes are considered to be active and so the number of 
energy levels and their spacing can be obtained from the vibrational 
frequencies and rotational constants. Advances in ab initio calculations 
means these properties can be readily computed and so a more accurate 
depiction of how energy is partitioned amongst the modes of a molecule can 
be obtained. Therefore, for the reaction step shown in R1.11, the 
microcanonical rate coefficient k2(E*) can be thought of as being related to 
the sum of vibrational and rotational states (W(E‡)) in the TS with an energy 
less than or equal to E‡ , compared to the density of states (r(E*)) of the 
energised molecule AB* (which is defined as the number of quantum states 
in a given energy range). The overall RRKM result is presented in E1.18.57  !! !∗ = !(!‡)!!(!∗) = !(!‡)!‡!!!(!∗)        E1.18 
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There is one key assumption of RRKM theory – that statistical redistribution 
of vibrational energy around the modes of the molecule is assumed to be 
rapid on the timescale of reaction, and this is known as the ergodicity 
principle. This assumption has been shown to be valid for many systems, 
but breaks down where the modes are uncoupled from one another by 
having significantly different frequencies. 
The strong collision assumption was previously also utilised in RRKM theory, 
whereby deactivation is considered to occur by one collision encounter and 
that a large amount of energy is transferred through collisions. In the master 
equation implementation of RRKM theory (discussed below), this 
assumption is removed by accounting for stepwise energy transfer.  
 
1.4 Computational implementation of RRKM theory : the energy 
grained master equation 
 
In Chapters 4 and 5 of this thesis, results from master equation calculations 
performed by Dr Robin Shannon and Dr Arne Bunkan respectively using the 
MESMER code are presented to rationalise and investigate the experimental 
results obtained in this work and by Shannon et al.50,65 A full detailed 
discussion of master equation calculations is beyond the scope of this thesis 
and as such only a brief outline of how RRKM energy grained master 
equation methods such as MESMER operate is given.65 Further details can 
be seen in the publication regarding the MESMER code by Glowacki et al.65  
The master equation (ME) uses the result of RRKM theory (E1.18) to 
deduce microcanonical rate coefficients for unimolecular processes by 
evaluating the temporal evolution of a population of molecules with a specific 
internal energy. For ease of obtaining a numerical solution, the energy states 
are grouped into ‘grains’ of a given energy width, and it is the temporal 
evolution of the grains populations which is calculated. The smaller the grain 
size, the more representative the model is. However, below a given grain 
size for a particular system, the results will converge. For a unimolecular 
reaction of a species, i (following the barrierless association of A and B) a 
schematic illustrating the processes considered in a master equation 
analysis is shown in Figure 1. 3. 
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Figure 1. 3: The unimolecular processes considered in the computational implementation of 
energy grained master equation calculations,  where the grey lines represent the grains. 
Based on diagrams by Shannon and by Glowacki et al.65,66 The various terms and symbols 
are described in the text.  
 
The master equation for the process illustrated in Figure 1. 3 is shown in its 
algebraic form in  E1.19 and can be broken down into four parts which are 
described below.  !!!(!)!" = ! ! ! !′ !! !! !!! − !!! !!!!!− !! ! !!" ! +!!!! !! ! !!" !!!!!− !!" ! !! ! − !!" ! !! !+ !!"!"!!"(!)!! ! !!!/!!!!! ! [!]!!*
E1.19 
 
a) The first two terms describe the gain and loss, respectively, of the 
population of molecules i with a specific internal energy (E) by collisional 
energy transfer from and to other energy levels, respectively. P(E|Eʹ) is the 
probability that collision will result in transfer from a grain with energy Eʹ to a 
grain with energy E. w is the Lennard-Jones collision frequency. ni(Eʹ) is the 
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population of isomer i with energy (Eʹ), and ni(E) is the population of isomer i 
with energy E. The probability of transfer from one grain to another of lower 
energy P(E|E’) can be approximated by the exponential down model, where 
the probability is related to the energy difference between the grains (DE) 
and the average energy transferred in a downward direction, <DEdown>. This 
is shown in E1.20 where C is a normalisation constant.61,65 ! !|!! = !"#$ − !!!∆!!"#$! .       E1.20  
The probability for transfer to a higher energy grain is related by detailed 
balance.57 Transfer via collisions to a lower energy grain is favoured over 
collisional energy transfer in an upward direction due to the density of states 
(number of energy levels in a given energy range) increasing with energy as 
the energy levels tend towards a continuum. Hence it is easier to transfer 
energy in a downward direction rather than an upward direction. The 
detailed balance constraint ensures that at long times, a Boltzmann 
distribution of energy levels is occupied.61 
b) The third and fourth terms of the ME are the contributions to the change in 
the population of i in a grain with energy E by the loss and gain via 
isomerisation to and from other species on the potential energy surface with 
the same internal energy, E. The contributions of these terms are 
determined by the rate coefficients for isomerisation to species i from 
species j! and vice-versa and the population of each of these species with 
energy E. kji(E) and kij(E) are the microcanonical rate coefficients for the 
population transfer of isomer i to j, and j to i, respectively, both with energy, 
E.  
c) The 5th term represents the irreversible loss of the population of i from a 
grain with energy E to products with the microcanonical rate coefficient, 
kPi(E). Considering product formation as in irreversible sink of the reactants 
echoes the no re-crossing rule of TST, but is not considered suitable for all 
reactions.  
d) The final two terms are the bimolecular source terms. For reactions where 
species i is formed by the initial association of reactants A and B (collectively 
denoted R) , and where reactant A is in great excess of reactant B (under 
pseudo first order conditions), the 6th term describes gain of the collective 
population of reactants R via dissociation of i and the 7th term describes the 
gain in populations of species i from the association reaction of the 
reactants, R.  In the work by Shannon and Bunkan discussed in this thesis,50 
 17 
the bimolecular source term rate coefficients have been calculated using an 
inverse Laplace transform method, which is described in Appendix A.  
The master equation is computationally solvable using the matrix formulation 
E1.21, where M is the master equation matrix and i is the population of the 
reactant summed over all energies.65  !"!" = !!         E1.21 
The solution to this matrix yields several eigenvalues which are negative, as 
the population of the reactant, i,  decreases with time. For a one well system 
the bimolecular rate coefficient is obtained from the chemically significant 
eigenvalue, which is the least negative of these eigenvalues.  
 
1.4.1 Quantum mechanical tunnelling  
Tunnelling is the quantum mechanical phenomenon of a wavefunction 
having a non-zero probability of passing through a barrier.27,67 The tunnelling 
probability is inversely dependent on the mass of the tunnelling species, and 
so it was previously thought that only light atoms such as hydrogen have a 
significant probability of tunnelling.27 However, recent work by Minisalle and 
Congiu et al. related to grain processes in interstellar environments have 
found evidence for tunnelling of atoms as large as oxygen.19-21 
Quantum mechanical tunnelling can contribute significantly to the rate 
coefficient of hydrogen transfer processes at low temperatures where the 
internal energy of the reactants is insufficient for the barrier to the process to 
be traversed. The probability of tunnelling through a reaction barrier can be 
calculated and this probability used in rate theory calculations such as those 
reported in this work.   
Tunnelling probability calculations consider the probability of tunnelling either 
one- or multi-dimensionally. The former considers transmission through the 
barrier only on the reaction coordinate and the latter accounts for tunnelling 
which may occur on pathways not directly along the reaction coordinate. 
Calculation of multidimensional tunnelling probabilities is a more rigorous 
approach, but ultimately is significantly more computationally expensive. An 
example of a multidimensional tunnelling theory is the small curvature semi-
classical tunnelling  (SCT) method developed by the group of Donald 
Truhlar. SCT is based on the observations by Marcus and Coltrin that 
tunnelling can occur through a pathway which is slightly deviated from the 
reaction co-ordinate.68-70 To obtain the tunnelling probability via Truhlar’s 
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method, ab initio energy calculations need to be performed along the 
minimum energy pathway. At each point an energy optimisation and 
frequency calculation is required, thus making it computationally demanding.  
One dimensional tunnelling calculations are currently more widely used and 
have been employed for the master equations performed by Shannon and 
Bunkan which are used to support the experimental work presented in 
Chapters 4 and 5, respectively. As such the method utilised by Shannon and 
Bunkan will be briefly overviewed hereafter.  
The probability of tunnelling occurring is dependent on the shape of the 
barrier. The thinner and lower the barrier, the higher the probability that 
tunnelling will occur. It should be noted that the probability of tunnelling 
exhibits a quadratic dependence on the barrier width, but only a linear 
dependence on the height.27  The shape of the barrier can be approximated 
in some way using a function or it can be calculated by several stationary 
point calculations along the minimum energy pathway of a reaction via ab 
initio methods. Whilst the latter method can yield more accurate results 
(depending on the level of theory used) it can be computationally expensive.  
The method developed by Miller utilises the Eckart function to approximate 
the shape of the potential barrier.67,71 The imaginary frequency, which is the 
frequency corresponding to the vibration along the reaction coordinate, is 
used to approximate the width of the barrier. Using the imaginary frequency 
and the relative barrier height (compared to both reactants and products) the 
probability of tunnelling (Ptun) can be calculated. The overall expression for 
the Miller/Eckart method is given in E1.22-E1.25.  !!"# = !"#$ ! !"#!(!)!"#!! !!!! !!"#!!(!)       E1.22 ! = !"ħ!! !! + !!(!!!!.! + !!!!.!)!!     E1.23 ! = !"ħ!! !! + !!(!!!!.! + !!!!.!)!!     E1.24 ! = 2π !!!!!ħ!! ! − !!"        E1.25 
where ħ=h/2p (h is Planck’s constant), wb is the imaginary frequency,V0 is 
the barrier height relative to the reactant energy and V1 is the barrier height 
relative to the product energy.  
A shortcoming of this method is that ab initio calculations of vibrational 
frequencies often suffer significant errors and are highly sensitive to the level 
of theory used to calculate them. Therefore, for rate theory calculations in 
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which the Eckart/Miller method is employed, the imaginary frequency 
corresponding to the barrier width, is often varied to explore the sensitivity of 
the obtained rate coefficient to this parameter. Despite the limitations of this 
method, Eckart/Miller tunnelling corrections are widely employed in the 
literature, suggesting that sufficiently accurate results can be yielded to 
obtain a reasonable tunnelling probability.46,72-74 An example of a system to 
which this method has been applied is the reaction of OH + CO.72 
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Chapter 2. Experimental methods 
2.1 Measuring rate coefficients at low temperatures 
2.1.1 Cryogenic cooling 
Cryogenic cooling is a widely used method for low temperature kinetic 
studies. A specially designed cell or flowtube is utilised, whereby the cooling 
agent is circulated in a chamber surrounding the reaction cell. The bath gas 
is cooled by collisions with the wall between the chamber containing the 
cooling agent and the reaction cell and subsequently, the reagents 
themselves are cooled through collisions with the bath gas. A wide range of 
temperatures can be reached with this method, and temperatures as low as 
212 and 195 K are routinely achieved using chloroform/dry ice and 
acetone/dry ice, respectively.1,2 Below this temperature, condensation of the 
gaseous reagents onto the cooled reaction cell walls becomes problematic, 
leading to a large uncertainty in the concentration of reactant remaining in 
the gas phase. However, wall losses can be accounted for through careful 
characterisations and modelling, as long as they are not a dominant loss for 
the reagent. 
2.1.2 Free jet expansions 
Free jet expansions are produced by the pinhole expansion of high-pressure 
gas, and if a molecular beam is desired, the jet is subsequently collimated 
using skimmers. For kinetic studies relevant to interstellar chemistry, free jet 
expansions provide the distinct advantage over cryogenic cooling in that 
considerably lower temperatures can be attained (1 K).3 However, free jet 
expansions are subject to significant temperature and density gradients 
along the axis of the jet. Whilst kinetic studies are not impossible to perform, 
to obtain an overall rate coefficient, careful and complex data analysis must 
be undertaken. This difficult task was undertaken by Mazley and Smith, who 
derived a model based on the thermal conduction model of Beijerinck and 
Vester to obtain rate coefficients for ion-molecule reactions from their free-jet 
expansion studies.4,5 Additionally, the rate coefficient for the electronic 
quenching of  OH A2Σ+(v’=0) by air was measured at 26 ± 4 K in a free jet 
expansion by Creasey et al., who used a combination of detailed laser 
induced fluorescence spectroscopy measurements and computational fluid 




2.1.3 The Laval nozzle apparatus 
The Laval nozzle apparatus enables the study of low temperature gas phase 
reactions in thermally equilibrated conditions without the risk of wall effects, 
and was first developed by Rowe and Marquette in 1984 for the study of ion-
molecule reactions.7 The technique, which employs the isentropic expansion 
of gas, was later adapted by Sims et al. to enable kinetic studies of neutral 
species.8 The experiment is also known as CRESU (Cinétique de Réactions 
en Ecoulement Supersonique Uniforme), a French acronym which translates 
as reaction kinetics in a uniform supersonic expansion. 
A high density flow of gas is expanded through a convergent-divergent 
shape nozzle, as shown in Figure 2. 1 forming a low temperature collimated 




Figure 2. 1: Annotated photograph of a Laval nozzle which yields a jet of T~ 146 K and is 
used in the University of Leeds pulsed Laval nozzle apparatus. The grey line signifies the 
internal shape of the Laval nozzle. The flow of the gas is from left to right. 
The profile of a Laval nozzle utilised in this work is also illustrated in Figure 
2. 1 and the regions within and prior to the Laval nozzle are labelled. The 
flow in the convergent region has a Mach number (defined in E2.1) of less 
than 1 and hence is subsonic. As the gas is compressed into the throat 
section, the Mach number increases to 1 and the velocity of the flow 
increases to sonic levels. In the divergent region the gas accelerates further 
upon expansion, its Mach number increases to above 1 and the velocity 
becomes supersonic in the laboratory frame of reference (although it should 
be noted that the molecules within the jet are moving slowly with respect to 
one another). The temperature, pressure and density of the flow decrease in 
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relation to that in the convergent region. The shape of the divergent section 
is specifically designed to give cylindrically symmetric expansion and to 
remove waves caused by this expansion that would otherwise perturb the 
flow. High densities in the jet (on the order of 1016 - 1017 molecule cm-3) 
ensure that the gas is thermally equilibrated and of a uniform density and 
velocity distribution.7 
The cooling of the gas in the divergent region of the nozzle is a result of the 
Joule-Kelvin effect where the thermal component of the internal energy is 
reduced upon expansion and as a result the gas is cooled. The cooling of 
the gas upon expansion can also be thought of in terms of the ideal gas law, 
whereby the temperature is proportional to the pressure. Given that upon 
expansion the pressure is reduced, the temperature must do so also. The 
temperature of the expanded gas flow is related to its post-expansion 
temperature via a property called the Mach number, M, a dimensionless 
number which is defined in E2.1 ! = !/!         E2.1 
where v is the velocity of the gas and a is the local speed of sound of the 
medium in which the gas is travelling. The local speed of sound is related to 
the temperature by E2.2 ! = (!"#)!!          E2.2 
where R is the gas constant, T is the temperature in Kelvin and γ" is the ratio 
of the heat capacities of the bath gas (in these experiments, N2 or Ar) and is 
a measure of how a molecule can distribute energy amongst its rotational, 
translational and vibrational degrees of freedom (E2.3). Cp is the heat 
capacity at a constant pressure and Cv is the heat capacity at constant 
volume.  ! = !!!!          E2.3 !! = (! + !) !!        E2.4 
where a is the number of translational degrees of freedom (3), and b is the 
number of rotational degrees of freedom (2 for a linear molecule and 0 for a 
monoatomic).  !! = !! + !         E2.5 
For a diatomic molecule such as N2, Cv = (5R/2) and from E2.5 a value of 
(7R/2) is obtained for Cp and therefore γ = 7/5. For a monoatomic species 
such as Ar, Cv = (3R/2) and so Cp is (5R/2), hence γ = 5/3. The ratio of the 
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heat capacities, γ, is inversely proportional to the temperature of the gas 
(E2.2), so as the ratio of the heat capacities increases, the temperature of 
the flow will decrease for a given value of the local speed of sound. For this 
reason, it is important that the temperature of the jet for a given nozzle must 
be ascertained using only one gas (so the γ value, and therefore the 
temperature is straightforward to calculate) and that this must be the 
predominant gas in experiments where these conditions will be used.9 To 
minimise the chance of perturbing the jet by affecting the overall γ  value, the 
other gases used in these experiments make up less than ~ 2% of the total 
flow density, which is a conservative value chosen based on the work of 
Atkinson and Smith.10 The relative pressures of the expanded gas flow 
(impact) and reservoir (stagnation) regions are linked with the Mach number 
by the Rayleigh equation E2.6 !!! = !!! !!!!! !!!! !!!! !!!!!!!!!!! !!!!     E2.6 
  
where P is the expanded gas flow pressure and P0 is the stagnation 
pressure.  
Each Laval nozzle is designed to give an expanded flow with a specific 
Mach number and therefore a specific temperature. Although many stable 
jets with various densities (of the same temperature) can often be yielded 
from one nozzle, many nozzles need to be designed and characterised to 
study the temperature dependence of the rate coefficient for a reaction. The 
temperature and density of the jet produced from gas expansion are 
characterised utilising the Rayleigh equation and a method known as impact 
pressure measurements. The experimental procedure for this is described in 
section 2.3.2.  
The advent of the Laval nozzle apparatus has facilitated low temperature 
kinetic studies for a number of reaction types, including ion-molecule, 
radical-radical, barrierless association and neutral bimolecular reactions.9,11-
24 The breadth of temperatures attainable using the Laval technique is now 
significant, with the lowest temperature reached thus far being 7 K where 
cryogenic pre-cooling of the gas mixture (He bath gas) by liquid nitrogen was 
utilised.25 There have been a number of experimental developments, 
perhaps the most impactful being the development of a pulsed apparatus.26 
The pioneering CRESU experiments at the University of Rennes, require a 
large throughput of reactant and bath gases through the Laval nozzle to 
create a continuous jet. Consequently, the pumping requirements are also 
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significant which is both restrictive financially and in terms of laboratory 
space. In 1995 Atkinson and Smith developed a pulsed CRESU experiment, 
whereby the gas is expanded through the Laval nozzle in 6-20 ms pulses 
using two pulsed solenoid valves.10,27. Recently, a new pulsed CRESU 
experiment has been developed by the Jiménez group at the University of 
Castilla-La Mancha whereby a spinning disk is utilised instead of pulsed 
valves. In addition to the University of Castilla-La Mancha apparatus, there 
are a number  of pulsed CRESU experiments in operation around the world 
including at the University of Gottingen (Abel group), Lawrence Berkeley 
National Laboratory (LBNL, Leone and Wilson groups), the University of 
Rennes (Canosa group) and the University of Leeds (Heard group). The 
latter is utilised in this work and will be described in detail later in the 
chapter. There is also a mini-continuous CRESU experiment at the 
University of Bordeaux (Hickson and Bergeat groups) which has reported 
rate coefficients down to 50 K and has the advantage of lower gas usage of 
the pulsed instruments without the necessity for pulsed valves.28,29  
 
2.2 Detection methods for the measurement of rate coefficients 
Having established some methods for reaching low temperatures, focus will 
now turn to some experimental techniques which can be employed for the 
measurement of reaction rate coefficients. As this work primarily concerns 
the kinetics of radical-neutral reactions whereby the reaction is initiated 
using flash photolysis, this method will be outlined. Following this, some 
detection methods which can be coupled to flash photolysis will be covered, 
including laser induced fluorescence spectroscopy which has been utilised in 
this work.  
The study of reaction kinetics presents the experimental challenge of 
allowing the reactants to mix sufficiently prior to recording kinetic 
measurements.30 The development of the flash photolysis technique by 
Norrish and Porter in 1949, which exploited the recent advent of the flash 
lamp devised for photography, presented a phenomenal advantage over 
previous methods in that it eradicated the necessity for a mixing period prior 
to measurements.31 For the reactions of transient species, such as atoms, 
radicals and excited states, a precursor to the transient species and the co-
reactant were pre-mixed in the reaction cell before the reaction was initiated 
by photolysis using a flash lamp. The flash lamp provided a uniform light 
source, creating a homogenous mixture of the transient and co-reactant 
species in the reaction cell, so that kinetic measurements could be recorded 
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immediately following photolysis. This development, which made Norrish 
and Porter Nobel Laureates in 1967, has since been furthered following the 
introduction of the excimer laser as a photolysis light source. Using a laser to 
initiate the chemical reaction provides several advantages over flash lamps: 
they can be operated with high pulse repetition rates, short pulse durations 
and high energies, and they have a narrow line width and a defined spatial 
profile.30 Flash photolysis is now a very widely used technique for both 
kinetics and dynamics studies. In this work this method (otherwise known as 
pulsed laser photolysis, PLP) has been employed using an excimer laser.  
2.2.1 Laser induced fluorescence spectroscopy 
Laser induced fluorescence (LIF) spectroscopy is a powerful and highly 
sensitive technique which is routinely employed for kinetic studies of reaction 
of radicals and atoms, as well as for atmospheric measurements. This 
method utilises the specific energy gaps between ground and excited 
rovibronic energy levels of a species to selectively detect different chemical 
species using a frequency matched laser light source. Following excitation, 
the species emits a photon via fluorescence with a frequency which is either 
the same as (on-resonance) or red-shifted (off-resonance) with respect to 
the excitation wavelength. The fluorescence scheme commonly utilised for 
laboratory based LIF detection of hydroxyl radicals is illustrated in Figure 2. 
2. 
 
Figure 2. 2: The OH A2Σ+(v’=1)←X2Π3/2(v’’=0) laser induced fluorescence scheme 
commonly utilised for the laboratory detection of OH radicals, including in this work. The 
grey lines represent collisional energy transfer to different rovibronic levels, the dark blue 
upward arrow represents the laser excitation wavelength utilised to excite OH to its first 
electronically excited state and M represents the bath gas. Some on resonance 
fluorescence can occur (dark blue downward arrow). The light blue arrow represents the red 
shifted (off resonance) fluorescence following collisional transfer to the vʹ=0 level. For clarity 
only one transition is shown for each fluorescence step. 
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The emitted photons can be detected by a photomultiplier tube positioned 
orthogonally to the photolysis and excitation laser beams to minimise 
detection of scattered laser light. The fluorescence wavelength can be 
selected prior to being imaged by the detector either using a monochromator 
or a suitable interference filter. The main requirement for detection of a given 
species by LIF is that the electronically excited state must be bound (i.e. 
non-dissociative). For sensitive detection, the species should have a 
reasonable absorption coefficient and the excited state should have a good 
quantum yield for fluorescence. The major advantage of LIF spectroscopy is 
that it is a “zero” background technique in the absence of scattered light. In 
other words, it is analogous to detecting a candle being lit outdoors at night. 
To obtain a rate coefficient using PLP-LIF, the temporal profile of a given 
species must be constructed by monitoring the fluorescence signal as a 
function of the time delay between the photolysis and probe lasers. It should 
be noted that LIF is a relative method and absolute concentrations cannot be 
retrieved, unless a prior calibration has been carried out. 
LIF spectroscopy has been employed in this work for the detection of both 
reactant and product species: the hydroxyl radical (Chapters 3,4,5 and 7), 
the amidogen radical (Chapter 5), the methoxy radical (Chapter 6), the 
ethoxy radical (Chapter 6) and formaldehyde (Chapter 6). The selectivity of 
LIF spectroscopy to specific rovibronic transitions means that it can also be 
utilised to obtain rotationally resolved spectra (section 2.3.3) and probe 
specific vibrational states of radicals (Chapter 7), subject to adequately 
narrow spectral line width of the laser. 
2.2.2 Absorption techniques 
Whilst LIF spectroscopy is a relative method, absorption spectroscopy is 
able to retrieve direct concentrations of species if the wavelength dependent 
absorption cross section (sl) and the path length of the reaction cell (l) are 
known, using the Beer Lambert law (E2.7) where I is the intensity after 
absorption, I0 is the initial intensity prior to reaction initiation (and hence 
absorption) by the photolysis laser. ! = !!exp!(−!!!")        E2.7 
A broadband light source, for example a xenon arc lamp, can be used to 
irradiate the reaction cell, and a detector (fitted with a filter or 
monochromator) placed at the opposite end is used to measure the 
absorption intensity. An entire kinetic trace can be obtained from a single 
photolysis laser shot, however signal averaging is usually required to 
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optimise the signal-to-noise ratio. Absorption methods typically have poorer 
sensitivity compared to LIF spectroscopy. For low concentrations and typical 
values of l and sl, the value of I/I0 can be very close to the value of I. 
Furthermore, it can be difficult to accurately determine the path length, l. 
Therefore, the ability to detect a small change to a relatively large signal is 
required – an analogy is perhaps being able to notice a candle being 
extinguished in broad daylight. Higher sensitivity can be achieved by 
increasing the path length, l, of the reaction cell by multi-passing the light 
source through the chamber using highly reflective mirrors. Absorption 
methods often suffer from poorer selectivity compared to LIF spectroscopy 
as more than one reactant or product species may absorb at a given 
wavelength. This can be overcome by using a tuneable laser light source 
with a narrow line width. Alternatively, multiplexed detection can be 
employed to distinguish between chemical species, such as the instruments 
recently developed by Sheps and by Lewis et al., whereby a spectrograph 
coupled with a detector such as a CCD camera can be utilised to monitor all 
wavelengths output by a broadband light source as a function of reaction 
time.32-34 Thus both the absorption spectrum as well as the kinetic profile can 
be obtained. 
 
2.2.3 Mass spectrometry  
Mass spectrometry is a powerful and universal detection method, which is 
particularly beneficial for the detection of reaction products and in order to 
determine branching ratios. However, it is difficult to implement mass 
spectrometry detection for high pressure reaction systems. Gas sampled 
from a reaction cell by a pinhole is ionized by an electron or vacuum 
ultraviolet (VUV) beam prior to detection by a mass spectrometer based on 
the mass-to-charge (m/z) ratio. Photoionization, as opposed to electron 
impact, leads to less fragmentation upon ionization and therefore is usually 
the preferred method for chemical kinetics. The ability to detect a chemical 
species by mass spectrometry is dependent on the Franck-Condon overlap 
between the neutral and ionized states and attaining the photoionization 
energy threshold for the species of interest.  
Pioneering work by Osborn and Taatjes (Sandia National Laboratories) on 
the development of a multiplexed photoionization mass spectrometer 
coupled to a slow flow quartz reactor and interfaced with VUV synchrotron 
radiation from the Advanced Light Source (LBNL) has yielded the first direct 
detections of two highly important and elusive reaction intermediates – a 
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QOOH and a Criegee biradical.33,35-38 Gas is sampled from the reactor by a 
pinhole orifice in the wall of the reactor and the tuneable VUV radiation of 
the synchrotron is used to ionise the resultant molecular beam. Mass 
spectra are constructed as a function of m/z ratio, kinetic time and 
photoionization energy. By obtaining the signal as a function of 
photoionization energy, discrimination between isomers is possible by 
comparison with ab initio calculations or by experimentally obtaining 
photoionization energy curves for chemical standards. This has facilitated 
the discrimination of, for example, the QOOH species from the RO2 
isomer.33  
Coupling a mass spectrometer to a Laval nozzle apparatus presents a 
substantial challenge. The jet produced in the Laval expansion is at a 
pressure too high for direct sampling by a mass spectrometer so needs to be 
skimmed, however the skimming method must not perturb the stability of the 
jet. This challenge has been met by the Leone group. Soorkia et al. have 
constructed an airfoil to skim the Laval jet into a quadrupole mass 
spectrometer which is also interfaced with tuneable synchrotron ionization 
radiation from the Advanced Light Source (ALS), thus allowing isomer 
resolution of product species.17 For example, in the study of the reaction of 
C2H with propyne conducted by Bouwman et al. at 79 K, it was found the 
reaction primarily proceeded (85 %) to yield CH3 + C4H4 products with a 15 
% yield of the H + C5H6 channel.39 The contributions of relative isomers for 
each channel were resolved using photoionization energy curves, and it was 
found that the C4H4 channel comprised only vinyl acetylene, whilst the C5H6 
channel comprised 3 isomers and the contribution of each was resolved.39  
  
2.3 The University of Leeds pulsed Laval nozzle apparatus 
In the following section, the apparatus used for the kinetic studies reported in 
this thesis will be outlined and experimental details given. First, details of the 
reaction chamber and instrumentation are given. Secondly, the experimental 
procedures utilised for jet characterization are discussed and results 
presented. Thirdly, the experimental method used for measuring rate 
coefficients via pulsed laser photolysis-laser induced fluorescence is 
described.    
2.3.1 The reaction chamber and instrumentation  
The overall setup of the University of Leeds pulsed Laval nozzle apparatus 
is illustrated in Figure 2. 3. Details about the setup are given below.  
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Figure 2. 3: Overall setup of the University of Leeds pulsed Laval nozzle apparatus. DG = 
delay generator, PVB = pulsed valve control box. GV= adapted gate valve. PC = personal 
computer. BD = beam dump. PMT = photomultiplier tube. PD = photodiode. PT = differential 
pressure transducers. PV = pulsed valve. M = manometer. B = ballast tank. MFC = mass 
flow controller. 
The Laval nozzle is housed in a 774 mm cylindrical stainless steel chamber 
that has nine flanges for access. Four of the flanges have windows mounted 
at Brewster’s angle for the entry and exit of laser beams. The chamber is 
evacuated using two pumps in series (Leybold D65B Rotary and Leybold 
RUVAC 251 Roots pumps) via the flange under the optics rail (Figure 2. 4) 
and PMT. The pumps can give a combined pumping capacity of 210 m3 hr-1 
and the chamber pressure is selected and maintained using a gate valve 
which has been adapted to allow selection of the chamber pressure to 
increments of 0.01 Torr (Leybold DN63150-F H). A second pump set, 
comprising an Edwards ED660 Rotary and an Edwards EH250 Roots pump 
in series, can be attached via an additional flange for attaining lower 
chamber pressures. An Edwards Speedivalve (SP16K N 9bar) connected to 
atmosphere is fitted to the chamber to allow it to be returned to atmospheric 
pressure when not in use. The chamber pressure is monitored by two 
capacitance manometers (Leybold Ceravac CTR 90 0-1000 Torr and 
Leybold Ceravac CTR 90 0-10 Torr). 
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The Laval nozzle is held in place by a yoke, which is mounted on two 
threaded rods and a third non-threaded rod. The longitudinal position of the 
nozzle along the chamber can be adjusted by the movement of the yoke 
back and forth along these threaded rods. This is controlled by a stepper 
motor (McLennan) which allows movement to a 0.01 cm level of accuracy 
and a maximum distance of 25.00 cm. The position of the yoke, and hence 
that of the nozzle, is moveable to achieve the most stable conditions to 
produce a supersonic expansion. This will be further discussed in section 
2.3.2. The movement of the stepper motor is controlled by a custom 
LabVIEW virtual instrument (VI) written by Dr Andrew Goddard (formerly of 
the University of Leeds).  
A gas manifold used for preparing cylinders (see section 2.3.4) and also as a 
vacuum reference source for impact pressure measurements (see section 
2.3.2) is served by a vacuum pump (Edwards RUCAC Roots pump) and two 
pressure gauges  (MKS Baratron pressure transducers , 0-1000 Torr and 
100 PSI). Gas is delivered to the Laval nozzle via a set of mass flow 
controllers (MKS Instruments Mass-Flo® Controller, MFC) which enable 
maximum flow rates of 0.5, 2, 5 and 20 SLM (standard litre per minute). The 
mass flow controllers are calibrated regularly using a Drycal DC-Lite primary 
flow meter. For the reactions of OH where (CH3)3COOH (t-BuOOH) was 
utilised as the photolytic precursor, a glass bubbler has been used to deliver 
the vapour pressure (23 Torr at 293 K) to the relevant mass flow controller. 
The reactant and bath gases are premixed the stainless steel delivery line 
and in a 2 L stainless steel ballast tank before being delivered to the 1 cm3 
pre-expansion reservoir of the Laval nozzle. The pressure in the ballast tank 
is monitored by a manometer (MKS 0-5000 Torr). The inlet of gas from the 
ballast tank through the nozzle is controlled by two pulsed solenoid valves 
(Parker series 9). The frequency and duration of the pulses are controlled by 
a delay generator (Berkeley Nucleonics Corporation (BNC) box, pulse/delay 
generator, model 555) and an in-house built pulse control box. The pressure 
of the pre-expansion region prior to the nozzle is monitored by a piezo-
resistive pressure transducer (Omega, PX170 DE 28 Inch H2O).  
The kinetic data were obtained by PLP-LIF spectroscopy, the procedure for 
which will be discussed further in section 2.2. A KrF 248 nm excimer laser is 
utilised for the photolysis of the radical precursor. A Lambda Physik LPX 200 
laser operating at a pulse repetition frequency of 5 Hz , and with an energy 
of 60-340 mJ per pulse, was aligned along the axis of the jet, through the 
centre of the reaction chamber and Laval nozzle. A HeNe laser aligned 
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through the centre of the reservoir and chamber was used to aid the 
alignment of the excimer laser. The excimer laser beam was reduced to a 
diameter of 1 cm to match the diameter of the Laval nozzle exit.   
A 532 nm Nd:YAG laser (Litron LPY664-10) was aligned into a dye laser 
(Sirah Gmbh Cobra stretch) using a periscope optics setup. The output of 
the Nd:YAG pumped dye laser was frequency doubled using a KDP 
(KH2PO4) crystal and compensator, and the resultant UV laser light was 
separated from the non-doubled light via four quartz Pelin-Broca prisms 
aligned in a self compensating configuration. The UV light was aligned into 
the reaction chamber perpendicularly to the excimer beam, and the beam 
diameter was reduced to 0.6 cm to optimise the signal-to-noise ratio and 
reduced scattered light.  The optics utilised for the collection of fluorescence 
are mounted on two rails perpendicular to the length of the chamber. Two 
lenses and a back reflecting mirror are used to focus the fluorescence onto 
the photomultiplier tube (Thorn EMI 9813QB), as illustrated in Figure 2. 4.  
 
Figure 2. 4: Optics setup utilised in the Leeds pulsed Laval nozzle apparatus to focus the 
fluorescence onto the photomultiplier tube. The blue dotted lines indicate the focussing 
action of the optics. The cooled jet from the Laval nozzle is travelling into the page with 
respect to the optical setup. For impact pressure measurements, a piezo-resistive pressure 
transducer on a custom designed mount is attached to the rails in alignment with the centre 
of the Laval nozzle.   
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2.3.2 Jet characterisation via impact pressure measurements 
For the pulsed Laval nozzle apparatus to be utilised for low temperature 
kinetic studies, pressure and temperature fluctuations along the flow must be 
minimised for the maximum length possible. The distance of the nozzle from 
the rail bearing the optics used for fluorescence collection can be controlled 
using a stepper motor (McLennan) which allows movements to a 0.01 cm 
level of accuracy and a maximum distance of the nozzle exit from the 
fluorescence collection region of 25.00 cm. The larger the distance between 
the nozzle exit and the optics, the longer the amount of time allowed for 
reaction to occur before fluorescence collection. The longer the length of the 
jet, the smaller the change in radical concentration and subsequently, the 
slower the rate coefficient which can be measured. For this reason it is 
desirable that conditions be found which give a long region of stable flow.  
To establish optimum conditions for the flow of the nozzle to be stable with 
respect to temperature and pressure for the longest possible distance, a 
series of impact pressure measurements are taken. The ‘impact’ pressure of 
the flow at the fluorescence collection region is measured and from this, 
properties such as the temperature of the flow can be obtained using the 
equations described below.  
To carry out impact pressure measurements, two piezo-resistive differential 
pressure transducers (Omega PX170-28BV) are positioned in the apparatus: 
one in the reservoir region of the Laval nozzle, which measures the 
stagnation pressure, and one is positioned on a mount on the rails amongst 
the optics where fluorescence collection occurs (as shown in Figure 2. 4) 
which measures the impact pressure of the flow. The impact pressure 
transducer is aligned to the centre of the Laval nozzle using a He-Ne laser 
which traverses the centre of the reaction chamber. The pressure 
transducers are also connected to vacuum to provide a reference pressure. 




Figure 2. 5: Setup utilised for impact pressure measurements. PT = differential pressure 
transducers. PV = pulsed valve. PS = power supply to the pressure transducers. M = 
manometer. B = ballast tank. MFC = mass flow controller. 
To ensure accuracy of the impact pressure measurements, both differential 
pressure transducers are calibrated to their full pressure range. This is done 
by assessing the response of the pressure transducers to increasing 
pressure by slowly opening the chamber to atmospheric pressure using an 
Edwards Speedivalve (SP16K N 9bar). Two capacitance manometers, 
Leybold Ceravac CTR, 0-10 Torr and 0-1000 Torr, are used to monitor the 
pressure of the vacuum and the chamber respectively during the calibration. 
The vacuum acts as a reference pressure for the differential pressure 
transducers. A calibration factor for each pressure transducer is obtained, 
and is subsequently incorporated in to the custom LabVIEW VI (written by Dr 
Andrew Goddard, formerly of the University of Leeds) in which the impact 
pressure data is collected. 
For each set of impact pressure measurements, the position of the gate 
valve (which controls how open the chamber is to the pump set) and the gas 
flow rate are selected and the yoke bearing the nozzle is positioned 
immediately next to the optics used for fluorescence collection. The pulsed 
valves are set to a fire at a frequency of 5 Hz and the pulse duration is set to 
a fixed value between 8-20 ms so that the pulse profile does not exhibit 
significant pressure fluctuations . The mean pressure throughout the entire 
gas pulse is recorded both in the stagnation and impact regions with 
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readings averaged 50 times per point. Impact and stagnation pressures are 
recorded at a rate of 10 Hz, so pressure readings can be obtained for when 
the pulsed valves are open and closed to account for the non-instantaneous 
response of the pressure transducers to the increased chamber pressure. 
The averaged pressures at each yoke position measured by the stagnation 
and impact pressure transducers are recorded and analysed using a custom 
LabVIEW VI (Dr Andrew Goddard), where they are converted to the Mach 
number, M, by solving the Rayleigh equation for isentropic flows iteratively 
(E2.6).  
 !!! = !!! !!!!! !!!! !!!! !!!!!!!!!!! !!!!     E2.6  
 
The obtained Mach number is then used to obtain the jet temperature and 
density using E2.8 and E2.9 respectively. 
 !!! = 1+ !!!! !!        E2.8 !!! = !!! 1!−1          E2.9 
 
where T0 and T are the temperatures in the reservoir and jet respectively, g"
is the ratio of heat capacities (defined in E2.3-E2.5), !0 and !  are the gas 
densities in the reservoir and jet, respectively, and M is the Mach number, as 
defined in E2.1.!
This process is repeated as the yoke is moved further away from the 
fluorescence collection region at 0.2-1 cm intervals and a flow temperature 
versus distance plot is constructed. Measurements are taken at increasing 
distances until it is evident that the temperature and pressure in the flow is 
no longer uniform, which is characteristic of the jet losing stability. An 
example of a pressure and temperature profile of a stable jet obtained from 




Figure 2. 6: Temperature profile (blue circles) and gas density profile (red triangles)  as a 
function of distance of the nozzle from the impact pressure transducer obtained for a stable 
jet using N2 bath gas. The resultant mean jet temperature, Mach number and density of the 
jet was found to be 88 ± 5 K, 3.49 ±  0.47 and (3.5 ± 0.5) × 1016 molecule cm-3, respectively. 
The total stable jet length is 25.5 cm, corresponding to a kinetic time of ~ 337 ms. 
Impact pressure measurements have been carried out using a range of total 
gas flow rates and chamber pressures to obtain jet profiles whereby the 
fluctuations in temperature along the flow are deemed small enough for the 
flow to be considered stable. Usually where the standard deviation in the 
temperature, density and Mach number is less than 10 %. In this work, a 
number of different stable flows have been identified from each nozzle used 
which yield the same jet temperature (within the error range) but different 
flow densities, and so this  allows for the study of the pressure dependent 
kinetics of a reaction. The stable jets obtained in this work through impact 
pressure measurements and used for kinetic measurements are 
summarised in Table 2. 1. The temperature profiles of all the jets 






Table 2. 1: Mean temperature, gas density and Mach number of the stable jets obtained and 
utilised in this work for kinetic studies. The jets were characterised via impact pressure 
measurements and the errors in the values are the standard deviation of the mean over the 
stable jet length. The chamber and ballast pressure at which the stable jets were obtained 























56#±##4# 4.4#±#0.5# Ar# 3.62##±#0.17# 11.6# 0.46# 1250# 646#
54#±#6# 8.0#±#1.4# Ar# 3.7#±#0.3# 14.2# 0.90# 2426# 1085#
53#±#9# 15#±#4# Ar# 3.76#±#0.35# 12.0# 1.82# 4776# 2213#
88#±#5# 3.5#±#0.5# N2# 3.49#±#0.47# 25.5# 0.47# 1156# 612#
90#±#6# 4.1#±#0.6# N2# 3.39#±#0.15## 16.8# 0.38# 1738# 1027#
89#±#3# 6.5#±#0.6# N2# 3.43#±#0.09# 20.0# 0.81# 2297# 1067#
86#±#3# 6.8#±#0.6# N2# 3.51#±#0.09# 14.0# 0.86# 1600# 698#
88#±#4# 7.4#±0.8# N2# 3.47#±#0.10# 17.6# 0.77# 3373# 1912#
91#±#4# 8.3#±#0.9# N2# 3.37#±#0.11# 17.0## 1.10# 3060# 1360#
88#±#8# 9.4#±#1.3# Ar# 2.68#±#0.17# 3.7# 2.25# 1511# 631#
89#±#4# 11#±#1# N2# 3.42#±#0.11# 16.0# 1.13# 5025# 2721#
88#±#4# 11#±#1# N2# 3.46#±#0.11# 16.0# 1.31# 3822# 1880#
84#±#4# 12#±#2# N2# 3.57#±#0.12# 15.0# 1.42# 3150# 1289#
82#±#3# 16#±#2! N2# 3.65#±#0.10# 15.0# 1.74# 4694# 1870#
138#±#9# 8#±#1# N2# 2.42#±#0.15# 4.6# 2.25# 1511# 580#
148#±#15# 10#±#2# N2# 2.26#±#0.07# 5.0# 2.90# 1604# 635#
133#±#10# 13#±#3# N2# 2.49#±#0.17# 3.5## 3.64# 3004# 1051#
144#±#15# 18#±#2# N2# 2.32#±#0.09# 4.0# 5.16# 3149# 1270#
146#±#15# 26#±#4# N2# 2.29#±#0.12# 4.0# 7.36# 4694# 1880#
 
The pulse profiles can also be recorded at different distances from the 
impact pressure transducer so that the most uniform section of the pulse can 
be sampled for kinetic measurements. The pulse profile for the stable jet 
shown in Figure 2. 6 as a function of distance is shown in Figure 2. 7. The 





Figure 2. 7: Pulse profile of the jet presented in Figure 2. 6 as a function of distance from 
the impact pressure transducer : 0.0 cm (grey line), 6.0 cm (cyan line), 12.0 cm (blue line), 
18.0 cm (dark blue line) and 24.0 cm (black line).  
 
 
Figure 2. 8: Pulse profile at 6.0 cm showing the section of the jet sampled (~ 300 ms) for 
kinetic measurements (grey line).   
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2.3.3 Rotationally-resolved laser induced fluorescence spectroscopy 
for obtaining jet temperatures 
The measurement of impact pressures is a widely used technique for 
assessing the stability of a jet and to enable the temperature, density and 
pulse profiles of a given jet to be obtained in just one experiment. However, 
LIF can be exploited to act as an independent method of obtaining the 
temperature of the jet, by recording rotationally-resolved laser induced 
fluorescence spectra of the hydroxyl radical and other species. The probe 
laser wavelength is scanned and the resultant off-resonance fluorescence 
signal recorded. The relative signal areas for each peak, which correspond 
to individual rotational transitions within a vibronic transition, can be related 
to the population of the rotational state using the Boltzmann distribution 
(E2.10), and from the relative populations of each rotational state, the 
temperature can be obtained.  !!ʺ!! = !!ʺ!"# − !!ʺ!!!         E2.10 
where NJʺ is the population of the Jth rotational level, N0 is the population of 
the ground rotational level, gJʺ is the degeneracy of the energy level and is 
defined in E2.11,  Jʺ  is the rotational quantum number E" Jʺ" is the energy of 
the Jth level and is defined in E2.12 for a rigid rotor, kB" is the Boltzmann 
constant and T is the temperature in Kelvin.  !!ʺ = 2! + 1         E2.11 !!ʺ = ℎ!"#(! + 1)        E2.12 
where h is Planck’s constant and c is the speed of light. To assign the 
energy levels, and hence calculate their energies, the most relevant Hund’s 
coupling case must be applied. Hund’s coupling cases a and b are ways in 
which the sources of angular momentum (spin and orbital angular 
momentum and nuclear rotation) are coupled with one another. The most 
appropriate case for low temperature systems, where only low rotational 
levels are occupied, is Hund’s case a, which is applied to all calculations in 
this work. 40 
The relative population of the Jth level is proportional to the peak area, SJʺ 
(E2.13), for a given transition, which is obtained by analysis of the spectrum 
using Origin 7 software.  !!ʺ = !!!ʺ!!ʹ!!ʺexp! − !!ʺ!!!        E2.13 
where C is a rotational state independent constant accounting for 
experimental parameters such as laser power, the solid angle of 
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fluorescence collection, the transmission of the interference filter and the 
PMT efficiency. BJʺ ! is the Einstein B coefficient for absorption for a given 
rotational level, the values of which are obtained from the spectral simulation 
software LIFBASE.41 ɸJ ʹ  is the quantum yield from a given excited vibronic 
level. A plot constructed from E2.14 yields a gradient containing the jet 
rotational temperature, T.  ln !!ʺ!!ʺ!!ʺ = ln !!!ʺ − !!ʺ !!!!       E2.14 
y  = c +     x     m       
Rotationally resolved LIF spectra of OH have been performed in this study to 
verify the characterisations by impact pressure measurements. The 
experimental setup used for recording rotationally-resolved LIF spectra is 
illustrated in Figure 2. 9. The experimental procedure used for verifying the 
temperature of the stable jet shown in Figure 2. 6 is given and the results will 
be presented thereafter. 
 
 
Figure 2. 9: Experimental setup utilised for recording rotationally resolved LIF spectra and 
for kinetic measurements. The excimer beam (dark blue line) is aligned collinearly with the 
jet axis and collected by a beam dump (BD).The probe laser beam (light blue line) is aligned 
perpendicular to the excimer and jet axis and the power is monitored by a photodiode (PD). 
Two capacitance manometers (M) are used to monitor the chamber pressure. PMT = 
photomultiplier tube. MFC = mass flow controller. PV = pulsed valve. B = ballast tank.  
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The nozzle was positioned at a given distance from the optics mount used 
for fluorescence collection and nitrogen bath gas (BOC, OFN) and the 
photolytic OH precursor (CH3)3COOH (Aldrich 70 % wt. in H2O) were 
expanded through the Laval nozzle via the pulsed valves operating at a 
frequency of 5 Hz. The total gas flow rate, pulse duration and the chamber 
pressure were set to values found to a stable jet via the impact pressure 
measurements. The OH precursor was photolysed at 248 nm using an 
excimer laser aligned collinearly with the jet to produce an approximately 
uniform OH density along the jet (corresponding the density profile from the 
impact pressure measurements). After a delay time of 55 µs, the probe 
laser, aligned orthogonally to the jet axis, was fired at a wavelength selected 
to be close to, or coincident with a rotational transition within the OH 
A2Σ+(v’=1)←X2Π3/2(v’’=0) vibronic band. The delay time of 55 µs was 
selected to ensure that the OH which is produced rotationally hot from 
photolysis of the precursor had undergone sufficient collisions with the bath 
gas to ensure a Boltzmann distribution of rotational states were occupied. 
The off-resonant fluorescence is imaged and collected via a PMT fitted with 
a suitable interference filter (Barr associates Inc. 50 mm diameter, 3 mm 
thickness, λmax=308.5 nm, 5 nm FWHM) using the optics setup shown in 
Figure 2. 4. The probe wavelength is scanned over a given range so that the 
fluorescence signal following excitation of several rovibronic transitions can 
be recorded. The probe laser wavelength is scanned at 0.0005 nm 
increments and for each point the signal obtained following excitation of 
each wavelength is averaged over two laser shots. The fluorescence signal 
collected via the PMT is imaged via an oscilloscope (LeCroy Waverunner)  
before being transferred to a PC for analysis. Instrument control and data 
acquisition is achieved using a custom LabVIEW VI constructed by Dr 
Andrew Goddard interfaced with a delay generator (Berkeley Nucleonics 
corporation) used to control the pulsed valves and the lasers.  
Three rotationally resolved laser excitation spectra recorded when the 
nozzle was positioned at 5.0, 15.0 and 25.5 cm from the optics are 
presented in Figure 2. 10, Figure 2. 11 and Figure 2. 12, respectively 
alongside the corresponding Boltzmann plot for each spectrum constructed 
using E2.14 from the peak areas. The assigned rotational lines in each 




Figure 2. 10: (a)Rotationally resolved LIF excitation spectrum of the OH 
A2Σ+(v’=1)←X2Π3/2(v’’=0) vibronic transition obtained for the jet presented in Figure 2. 6, 
obtained at a distance from the impact pressure transducer of 5.0 cm. (b) The 
corresponding Boltzmann plot constructed from the assigned transitions in figure (a), where 
the red line is the linear least squares best fit which gave 93 ± 22 K and the green dotted 
lines represent the 90 % confidence limits to the fit.  
 
Figure 2. 11: (a)Rotationally resolved LIF excitation spectrum of the OH 
A2Σ+(v’=1)←X2Π3/2(v’’=0) vibronic transition obtained for the jet presented in Figure 2. 6, 
obtained at a distance from the impact pressure transducer of 15.0 cm. (b) The 
corresponding Boltzmann plot constructed from the assigned transitions in figure (a), where 
the red line is the linear least squares best fit which gave T= 108 ± 33 K and the green 




Figure 2. 12: (a) Rotationally resolved LIF excitation spectrum of the OH 
A2Σ+(v’=1)←X2Π3/2(v’’=0) vibronic transition obtained for the jet presented in Figure 2. 6, 
obtained at a distance from the impact pressure transducer of 25.5 cm. (b) The 
corresponding Boltzmann plot constructed from the assigned transitions in figure (a), where 
the red line is the least squares best fit which gave T= 97 ± 16 K and the green dotted lines 
represent the 90 % confidence limits to the fit. Note that points are overlapping in the 
Boltzmann plot. 
The 90 % confidence limits of the Boltzmann plot gradient were used to 
obtain the error in the jet temperature. The obtained temperature as a 
function of distance is plotted alongside the temperature profile obtained 
from impact pressure measurements in Figure 2. 13. 
 
Figure 2. 13: Temperatures obtained from Boltzmann analysis of the rotationally resolved 
LIF spectra shown above (red triangles) where the errors are propagated from the 90 % 
confidence limits to the Boltzmann plot. These are plotted alongside the temperature profile 
obtained from impact pressure measurements (black circles), as previously presented in 
Figure 2. 6. 
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It can be seen from Figure 2. 13 that the temperatures obtained from 
rotationally revolved LIF spectroscopy of OH are in agreement within the 
error of the temperatures obtained by impact pressure measurements. 
However, the temperatures obtained via LIF spectroscopy have a  significant 
error, which is due in part to the small number of rotational lines analysed to 
obtain the temperature. At low temperatures, only a small number of 
rotational levels are occupied and therefore fewer lines (corresponding to 
different rovibrational transitions) are present in the spectrum for analysis, 
which is exacerbated by the relatively large rotational constant for OH. 
Furthermore, this method is subject to a number of possible errors, a few of 
which are listed hereafter. Some of the lines in the spectra (such as those in 
the R1 branch) overlap with other rovibronic transitions (such as the R21 
branch) and so one has to distinguish where each peak ends and the other 
begins. The spectra quality also rely on the accuracy of the wavelength 
increments and signal averaging which is performed – if the wavelength 
steps are too large, then the fine structure of the spectra will not be obtained 
and this may cause errors in obtaining the signal area of each peak. The 
signal-to-noise ratio must be sufficiently high that the peaks can be 
distinguished from the background noise. Care must be taken to ensure that 
the transitions are not optically saturated so that the peak heights scale with 
probe laser energy.  
The rotationally resolved LIF spectra obtain the rotational temperature of the 
jet, whereas the impact pressure measurements obtain the translational jet 
temperature – for valid kinetics studies the temperatures need to be the 
same and therefore, it is instructive to perform both types of characterisation. 
However, rotationally resolved LIF measurements are not used for the initial 
jet characterisation as it would be a comparatively time inefficient method.  
 
2.3.4 PLP-LIF technique 
Following the identification of stable jets through impact pressure 
measurements, the impact pressure transducer mount is removed from the 
chamber and the nozzle is positioned as far back from the optics as the jet 
remains stable so the longest possible kinetic time is accessed. Typical  
kinetic timescales obtained from stable jets in this work were between 100 
and 400 µs.   
As discussed previously, the jet must largely comprise the bath gas used to 
characterise the jets due to the heat capacity of the gas determining the jet 
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temperature (see section 2.1.3). In these experiments, the bath gas 
comprised a minimum of ~ 98 % of the jet density.  
The pressure of an evacuated cylinder was recorded using two pressure 
gauges (MKS Baratron pressure transducers , 0-1000 Torr and 100 PSI) 
attached to a stainless steel gas manifold. The vapour pressure of the co-
reactant of the radical was admitted into the evacuated cylinder and the 
resultant cylinder pressure recorded. The contents were then diluted with the 
bath gas and a final pressure reading was recorded. The contents of the 
cylinder allowed to mix overnight before use and the pressure readings used 
to calculate the co-reagent concentration in the cylinders.  
For the reactions of OH radicals, the primary hydroxyl radical precursor used 
was (CH3)3COOH (Aldrich, 70 % wt. in H2O) which is a liquid at room 
temperature. The vapour pressure (23 Torr at 293 K) of the precursor was 
entrained into a flow of the bath gas using a glass bubbler prior to the mass 
flow controller. The radical precursor concentration was kept as low as 
possible to prevent side reactions and to maintain pseudo first order 
conditions. The radical precursor, co-reagent/bath gas mixture and the bath 
gas were flowed through a set of calibrated mass flow controllers into a 
stainless steel mixing manifold followed by a stainless steel 2 L ballast tank 
at the total flow rate found to yield a stable jet via the impact pressure 
measurement characterisations. The chamber pressure was adjusted to the 
optimum value using the adapted gate value.   
A 248 nm excimer laser used for photolysis of the radical precursor was 
aligned along the axis of the Laval nozzle using a HeNe laser to aid 
alignment. The diameter of the excimer laser was reduced to 1 cm using an 
iris, so that the diameter matched that of the Laval nozzle exit. The 
frequency doubled output of an Nd:YAG pumped dye (probe) laser was 
aligned perpendicularly to the excimer laser and the power monitored via a 
photodiode positioned by the opposite Brewster’s angle window. The dye 
laser beam was irised to a 0.6 cm diameter to minimise scatter. The probe 
laser wavelength was tuned to be coincident with a rovibronic transition of 
the relevant radical spectrum . For the OH A2Σ+(v’=1)←X2Π3/2(v’’=0) band, 
the Q1(1.5) rotational line was used as this yielded the strongest 
fluorescence signal, as shown in, for example, Figure 2. 10(a).  
Instrument control was achieved using a delay generator and a pulse valve 
control box interfaced to a custom build LabVIEW VI designed by Dr Andrew 
Goddard.  The experiments were performed at a pulse repetition rate of 5 
Hz. The lasers were arranged to fire near the middle of the jet pulse as 
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shown in Figure 2. 8 – only one photolysis and one probe laser shot is fired 
per jet pulse. The excimer laser was fired synchronously with the probe 
laser, defining time zero in the kinetic trace. The off-resonance fluorescence 
following excitation of the radical species was collected by a PMT aligned 
orthogonally to the laser beams and the jet via the optics setup shown in 
Figure 2. 4. A suitable interference filter was placed prior to the PMT to 
minimise detection of reflected laser light. The signal from the PMT and the 
photodiode were visualised on an oscilloscope (LeCroy Waverunner-2 DSO) 
and the signal integration window (typically 0.5-8 ms) to optimise data 
collection and minimise the effect of laser scatter. Data acquisition was 
accomplished using the LabVIEW VI. The time delay between the photolysis 
and probe lasers was increased at 1 µs increments to obtain the temporal 
profile of the radical, and each data point was averaged around 12-20 times. 
The signal acquired when the probe laser was fired prior to the photolysis 
laser was used to subtract the baseline of the traces.  
The time evolution of OH (kinetic traces) were recorded at different co-
reactant concentrations and each trace was individually analysed to obtain 
pseudo first order rate coefficients. For the majority of  experiments 
performed in this thesis, the traces were fitted with either a single 
exponential decay function (E2.15) or an exponential growth-exponential 
loss function (E2.16), where the growth following the instantaneous 
production at t=0 is due to rotational relaxation of the photolytically produced 
radical into the laser probed level.  [!"]! = [!"]!!!!!"#!       E2.15 [!"]! = !!!"#!!"#!!!"# [!"∗]!(!!!!!"#!−!!!!"#!)+ [!"]!!!!!"#!  E2.16 
where OH* is the initially rotationally excited hydroxyl radical formed from its 
photolytic precursor, k’rel is the pseudo first order rate coefficient for 
rotational relaxation of the rotationally excited OH into the laser probed level 
and kobs is the observed pseudo first order rate coefficient (E2.17) for 
reaction with the reagent and kloss is the pseudo first order rate coefficient for 
reaction with the precursor and diffusional loss out of the detection region. !!"# = !!"#$!"#$!%& !" − !"#$"%& + !!"##!     E2.17 
Further details about the fitting equations used are given in each results 
chapter and where relevant, the derivations are presented in Appendix C. An 
example fitted decay trace of OH in the presence of ethene, which was used 




Figure 2. 14: LIF trace of OH recorded under pseudo first order conditions together with the 
non linear least squares fit of E2.16 to the data from the 248 nm photolysis of (CH3)3COOH 
in the presence of ethene (1.0 × 1015 molecule cm-3) at 144 ± 15 K and a total gas of (18 ± 
2) × 1016 molecule cm-3 using N2 bath gas. The least squares fit of E2.16 yields a pseudo 
first order rate coefficient of kobs = 23623 ± 489 s-1.  
 
Figure 2. 15: Variation of kobs with ethene concentration obtained at 144 ± 15 K and a total 
gas density of (18 ± 2) × 1016 molecule cm-3 using N2 bath gas, together with a weighted 
linear least squares fit to the data, the gradient of which yields the bimolecular rate 
coefficient of (1.58 ± 0.05) × 10-11 molecule-1 cm3 s-1. The green dashed lines represent the 
upper and lower 95 % confidence limits.   
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The pseudo first order rate coefficients were plotted against the co-reagent 
concentration to construct a bimolecular plot. The bimolecular rate 
coefficient at the given jet temperature and gas density is the gradient of the 
plot, and the intercept is the pseudo first order loss of the radical due to 
reaction with the precursor and diffusional loss. The bimolecular rate 
coefficients reported in this work are an average of the values obtained from 
multiple bimolecular plots (typically between 3 to 8) each comprising several 
pseudo first order rate coefficients (typically in the range of 8 to 25). An 
example bimolecular plot obtained in this work for the reaction of OH with 
ethene is shown in Figure 2. 15. The rate coefficient for the reaction of OH 
with ethene obtained from the bimolecular plot (Figure 2. 15) is in good 
agreement of the value predicted at this temperature (1.62 × 10-11 molecule-1 
cm3 s-1) by Vakhtin et al. from their low temperature measurements using a 
pulsed Laval nozzle apparatus.11 Measurement of a rate coefficient 
previously reported in the literature is also a useful method of confirming the 
jet temperature.  
This chapter has summarised some experimental approaches utilised for the 
study of reaction kinetics at low temperatures, including methods of 
generating suitable low temperature conditions and techniques by which rate 
coefficients can be measured. In the following chapters the results obtained 
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Chapter 3. The low temperature reaction kinetics of OH with 
alcohols: The role of a weakly bound complex. 
3.1 Background and previous studies of OH + alcohol reactions 
The reaction kinetics of OH with alcohols have been extensively studied at 
ambient and high temperatures owing to their relevance to atmospheric and 
combustion chemistry. 
Methanol is emitted into the Earth’s atmosphere via biomass burning and its 
use as a fuel additive, ethanol has been investigated as a potential biofuel 
and propanol, which has been detected in both oceanic and urban 
environments, is suspected to be released from oceans and also from 
biogenic sources such as windscreen wiper fluid. 1-8  The primary removal 
pathway of these species is expected to be via reaction with OH, one of the 
most important oxidation species in Earth’s atmosphere. 9 
Gas phase methanol is highly abundant in low temperature interstellar 
environments. It was first detected in 1970 by Ball et al. in Sgr B2 and Sgr A 
molecular clouds and since then has been detected in a variety of regions 
including star forming regions, cold and dark molecular clouds and post-star 
forming regions (HII regions).10 Gas phase abundances of methanol relative 
to H2 in these regions range from 10-9 (in cold dark pre-star forming clouds) 
to 10-6 (in star forming regions).11-18 The interstellar formation pathway for 
methanol has been the subject of many studies, and it is expected that 
methanol is formed via the heterogeneous hydrogenation of CO on the 
surface of grains and ices.19-21 Methanol is then postulated to be released 
into the gas phase by shock waves and heating events.  
In addition, ethanol has been detected with an abundance relative to H2 
ranging from 10-8 to 10-6 in interstellar molecular clouds and star forming 
regions (hot and cold cores) such as W3(OH) and Sgr B2, where 
temperatures can reach as low as 40 K. 22-26 However the formation 
pathways of ethanol are not currently well defined.25,27 Interestingly, the 
hydroxyl radical is almost ubiquitous in interstellar environments, including 
the areas where both methanol and ethanol have been detected.26,28 As 
such, Millar et al. suggested that ethanol could potentially be used as a 
chemical clock for hot cores if the kinetics of its reactions with species 
including the hydroxyl radical were better understood at temperatures 
pertinent to such environments. Therefore conducting kinetic studies with 
species known to be present in these cold environments is important for the 
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advancement of chemical models of these regions.25 However, recent low 
temperature studies of neutral-neutral reactions have shown that the 
temperature dependence of their rate coefficients is often complex and 
poorly understood, and so kinetic data close to ambient temperatures cannot 
simply be extrapolated.29-32 
From previous studies it is acknowledged that at temperatures above 200 K, 
the reactions of OH with alcohols appear to proceed via a direct, bimolecular 
hydrogen abstraction mechanism (R3.1). 4-8,33-35 !" + !"# !!!!!!3.1!!!!!! !"#$%&'(      R3.1 
Such reactions exhibit parallel product channels depending on the moiety 
from which hydrogen abstraction occurs. For the reactions of OH with 
methanol, ethanol or propan-2-ol, there is more than one possible channel: 
 !" + !"!!" !!!!!!!3.2!!!!! !"#$%&'(      R3.2 !" + !"!!" !!!!!!!!!!! !"!!" + !!!      R3.2a !" + !"!!" !!!!!!!!!!! !"!! + !!!      R3.2b !" + !"!!!!!" !!!!!3.3!!!!!!! !"#$%&'(      R3.3 !" + !"!!!!!" !!!!!!!!!!! !"!!!!!" + !!!     R3.3a !" + !"!!!!!" !!!!!!!!!!! !"!!"#" + !!!         R3.3b !" + !"!!!!!" !!!!!!!!!!! !"!!!!! + !!!             R3.3c !" + !"!!"(!")!"! !!!!!3.4!!!!!!! !"#$%&'(     R3.4 !" + !"!!"(!")!"! !!!!!!!!!!! !"!!"(!")!"! + !!!   R3.4a !" + !"!!"(!")!"! !!!!!!!!!!! !"!!(!")!"! + !!!   R3.4b !" + !"!!"(!")!"! !!!!!!!!!!! !"!!"(!)!"! + !!!   R3.4c 
 
Kinetic studies of various deuterated analogues of the above species have 
previously been employed to determine the branching ratios for these 
reactions. Hess and Tully observed a significant kinetic isotope effect (KIE) 
on the rate coefficient for the OH + CD3OH reaction when compared to OH + 
CH3OH data between 290-860 K, indicating that the primary pathway 
operating is R3.2a.34 This is supported by direct room temperature 
measurements using mass spectrometry by Meier et al., who determined the 
branching for this channel to be 0.83 ± 0.13.35 However, Hess and Tully 
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found that the KIE decreased with increasing temperature, which suggests 
increasing abstraction from the hydroxyl group, R3.2b.34 This behaviour can 
be rationalized by consideration of calculations of the potential energy 
surface (PES) by Xu and Lin at the CCSD(T)/6-311+G(3df,2p) level of 
theory, and at the CCSD(T)/6-311G(d,p)//BHandHLYP/6-311++G(d,p) level 
by Galano et al., which show that the barrier for R3.2a is lower than that for 
R3.2b by around 4-13 kJ mol-1. 36,37 
 
Figure 3. 1: To-scale potential energy surface for the reaction of OH + methanol (with 
relevant relative energies) based on ab initio calculations by Galano et al. at the CCSD(T)/6-
311G(d,p)//BHandHLYP/6-311++G(d,p) level of theory.37  
Rigorous studies of deuterated analogues of OH + ethanol by Carr et al. 
from 298-523 K have revealed that at ambient and high temperatures, 
abstraction from the methylene centre (R3.3b) is the dominant pathway.8 
Theoretical studies on this system have shown that this pathway has the 
lowest barrier to hydrogen abstraction and R3.3c the highest.36-39 Carr et al. 
demonstrated that at room temperature, whilst alpha abstraction via R3.3b is 
dominant (~90 %), as the temperature increases, the branching fraction via 
R3.3b is reduced and abstraction from the alcohol group (R3.3c) yielding 
ethoxy radicals becomes dominant at high temperatures (branching fraction 
of ~0.47-0.53 at 865 K).8 
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Figure 3. 2: To-scale potential energy surface for the reaction of OH + ethanol (with relevant 
relative energies) based on ab initio calculations by Galano et al. at the CCSD(T)/6-
311G(d,p)//BHandHLYP/6-311++G(d,p) level of theory.37  
Kinetic studies of the reaction of OH with various deuterated analogues of 
propan-2-ol were performed by Dunlop and Tully between 293-502 K.6  
Analysis of the observed kinetic isotope effects demonstrated that 
abstraction of the alpha hydrogen (R3.4b) dominated, with increasing 
contribution from the beta abstraction channel (R3.4a) at increasing 
temperatures. The overall bimolecular rate coefficient for the OH + propan-2-
ol reaction exhibits little dependence on temperature, which is supportive of 
the reaction proceeding largely via a barrierless pathway. Ab initio stationary 
point calculations by Galano et al. on this system showed that abstraction 
from the CH group (R3.4b) is barrierless, whereas channels R3.4a and 
R3.4c exhibited barriers, which is in agreement with the experimental 
observations by Dunlop and Tully.6,37 Nevertheless, the rate coefficient is 
around two orders of magnitude below the gas kinetic limit across the 
temperature range at which this reaction has until now been studied, 
indicating that channels with positive barriers are also contributing to the 
overall rate coefficient. 
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Figure 3. 3: To-scale potential energy surface for the reaction of OH + propan-2-ol (with 
relevant relative energies) based on ab initio calculations by Galano et al. at the CCSD(T)/6-
311G(d,p)//BHandHLYP/6-311++G(d,p) level of theory.37  
Recent low temperature kinetic studies by Shannon et al. performed in this 
laboratory on the reaction of OH with methanol have shown that, unusually, 
the rate coefficient increases by around a factor of 50 between 298 and 65 K 
despite the presence of barriers.32 This very large increase in the rate 
coefficient is attributed to a mechanism involving the formation of a weakly 
bound complex between the reactants (binding energy of 20.5 kJ mol-1 from 
calculations by Xu and Lin36) followed by quantum mechanical tunnelling 
through the reaction barrier. The increased lifetime of the complex at lower 
temperatures is found to enhance the probability of tunnelling through the 
barrier, which in turn causes the rate coefficient to be dramatically 
enhanced. Under the experimental conditions, the rate coefficient was 
shown to be independent of pressure and thus the complex was not 
stabilized into the pre-barrier well. Master equation modelling and direct 
product detection using laser induced fluorescence spectroscopy 
demonstrated that at low temperatures, the reaction instead proceeds via 
R3.2b to yield water vapour and the methoxy radical (CH3O).32 It is notable 
that the observed low temperature products are obtained via the higher, but 
narrower reaction barrier.32 
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Due to the presence of methanol and OH in common interstellar 
environments, it is expected that the enhanced rate coefficient for the 
reaction of these species could have potential implications on their predicted 
abundances in cold interstellar environments. However, to accurately 
deduce the implications of this reaction using interstellar chemical models, 
the rate coefficient needs to be well defined at several temperatures, in 
particular very low temperatures (towards 20 K) which are most pertinent to 
regions where methanol and OH have been detected, and higher 
temperatures (between 100-200 K), so that the turnaround in the rate 
coefficient from the apparent low and high temperature regimes can be 
better understood. As such, further low temperature rate coefficients for the 
OH + methanol system have been measured in this work using the pulsed 
Laval apparatus. Additionally, in collaboration with Gomez Martin and Plane, 
a cryogenically cooled flow tube apparatus was also used, allowing for an 
intercomparison between the two experimental techniques.40 Following on 
from the comments made by Millar et al.,25 the reaction kinetics of OH with 
ethanol have been studied between 56-146 K. To explore the mechanism of 
this class of reactions further, the kinetics of OH + propan-2-ol have been 
studied between 89-146 K. The low temperature kinetic behaviour of the 
three alcohol reactions will also be compared and contrasted. The work 
presented in the following section is the subject of three publications.40-42 
 
3.2 Experimental procedure 
The apparatus and experimental procedure has been described fully in 
Chapter 2 of this thesis and thus only a brief outline is given here.  
The vapour pressure of the alcohol co-reactant (methanol (Sigma-Aldrich ≥ 
99.9 %) ethanol (Sigma-Aldrich, ethanol absolute ≥ 99.8 %) or propan-2-ol 
(Fischer scientific, 99.5 %)) was admitted to an empty cylinder at room 
temperature via a gas manifold, and the cylinders were subsequently diluted 
to a total pressure of ~ 5000 Torr with the bath gas (nitrogen (BOC, OFN) or 
argon (99.998 %, BOC)). The cylinder, which typically contained 0.5-2 % 
alcohol, was allowed to mix overnight before use.   
The alcohol/bath gas mixture, (CH3)3COOH (Aldrich, 70 % wt. in H2O) and 
the bath gas (nitrogen (BOC, OFN) or argon (99.998 %, BOC)) were 
delivered to the pre-expansion reservoir via a set of calibrated mass flow 
controllers (MKS instruments). (CH3)3COOH was seeded in a flow of 
nitrogen (OFN) or argon (99.998 %, BOC)) via a glass bubbler. All 
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experiments were carried out under pseudo first order conditions and in 
addition the reagent concentration did not exceed 2 % of the total gas flow. 
The mixture of reagent and bath gases was expanded supersonically in ~ 
10-20 ms pulses, depending on the nozzle used, through the convergent-
divergent shaped Laval nozzle into a low pressure stainless steel chamber 
producing a thermally equilibrated, low temperature jet. The short gas pulses 
were achieved using two pulsed solenoid valves (Parker 9 series), which 
control the flow of gas from a 1 cm3 reservoir region through the Laval 
nozzle.  
The rate coefficients of the OH + methanol, OH + ethanol or OH + propan-2-
ol reaction were measured by monitoring the temporal decay of the hydroxyl 
radical via pulsed laser photolysis-laser induced fluorescence (PLP-LIF). 
The experiments were performed under pseudo first order conditions so that 
the concentration of the co-reagent is in great excess (around a factor of 100 
or more) of the OH concentration. The OH precursor ((CH3)3COOH) was 
photolysed at 248 nm using an excimer laser (KrF Lambda Physik LPX 200), 
with typical laser energy of 60-160 mJ per pulse, along the axis of the 
expanded gas flow producing a uniform OH density. The subsequent decay 
of OH due to reaction and other loss processes was measured by probing 
the A2Σ+←X2Πi (1,0) Q1(1.5) transition at ~ 282 nm using a Nd:YAG (Litron 
LPY 664-10) pumped dye laser (Sirah Gmbh Cobra stretch with Rhodamine 
6G dye). The off-resonant fluorescence at ~ 308 nm was monitored using a 
photomultiplier tube (Thorn EMI 9813QB) fitted with a 308 nm interference 
filter (Barr associates λmax = 308.5 nm, FWHM = 5 nm) positioned above the 
axis of the jet and laser beams. The temporal evolution of the OH radicals 
was recorded by varying the time delay between the photolysis and probe 
lasers. At very short times following photolysis, probe laser excitation scans 
revealed the presence of rotationally excited OH, which rapidly relaxes to the 
temperature of the jet, the temperature being obtained independently by 
impact pressure measurements. 
The reaction scheme for the formation and removal of OH is given by: (!!!)!!""# + ℎ!⟶ !",!"∗ + !" − !"#$%&'(    P3.1  
     !"∗ +! ! !!!!!"#!!! !" +!       R3.5 
    !" + !"#! !!!!!.!!!! !"#$%&'(       R3.1 
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where OH* is an initially rotationally excited hydroxyl radical, formed in v!= 0 
from photolysis of the precursor, and krel is the rate coefficient for rotational 
relaxation of the rotationally excited hydroxyl radical into the laser probed 
level, OH . For pseudo first order conditions [ROH]>>[OH] and also [M] >> 
[OH*] the temporal evolution of OH is given by E3.1 (see Appendix C for 
derivation). [!"]! = !!"#!!"#!!!"# [!"∗]! !!!!!"#! − !!!!"#! +[!"]!!!!!"#!  E3.1 
and !!"# = !!.! !!" + !!"##!        E3.2 
where kobs is the pseudo first order rate coefficient and kloss is the rate 
coefficient for the loss of OH out of the detection region via diffusion and 
reaction with the precursor.  
 
3.3 Results and discussion 
Examples of the temporal evolution of the OH LIF signal following 248 nm 
photolysis of (CH3)3COOH in the presence of methanol, ethanol and propan-
2-ol are shown in Figures 3.4-3.6, together with non-linear least squares fits 
of (E3.1) to the data which yielded kobs. 
Experiments were repeated for a variety of concentrations of either 
methanol, ethanol or propan-2-ol, and Figures 3.7-3.9 show the variation of 
kobs with [alcohol], the gradients of which yield the bimolecular rate 
coefficients. The rate coefficients obtained in this study are summarized in 
Table 1, and the temperature dependence of k3.2, k3.3 and k3.4 are shown in 





Figure 3. 4: Pseudo first order LIF profile of OH (open circles) together with the non-linear 
least squares fit of E3.1 to the data (red line) from the 248 nm photolysis of (CH3)3COOH in 
the presence of methanol (2.2 × 1014 molecule cm-3) at 56 ± 4 K and a total density (4.4 ± 
0.5) × 1016 molecule cm-3, using Ar bath gas The least squares fit of E3.1 to the data yields 
a pseudo first order rate coefficient of 13479 ± 235 s-1.  
 
 
Figure 3. 5: Pseudo first order LIF profile of OH (open circles) together with the non-linear 
least squares fit of E3.1 to the data (red line) from the 248 nm photolysis of (CH3)3COOH in 
the presence of ethanol (8.4 × 1013 molecule cm-3) at 56 ± 4 K and a total density (4.4 ± 0.5) 
× 1016 molecule cm-3 using Ar bath gas. The least squares fit of E3.1 to the data yields a 




Figure 3. 6: Pseudo first order LIF trace of OH (open circles) together with the non-linear 
least squares fit of E3.1 to the data (red line) from the 248 nm photolysis of (CH3)3COOH in 
the presence of propan-2-ol (1.22 × 1014 molecule cm-3) at 91 ± 4 K, and a total density (8.3 
± 0.9) × 1016 molecule cm-3 using N2 bath gas.  The least squares fit of E3.1 to the data 
yields a pseudo first order rate coefficient of 14767 ± 347 s-1.   
 
Figure 3. 7: Variation of kobs with methanol concentration obtained at 56 ± 4 K and a density 
of (4.4 ± 0.5) × 1016 molecule cm-3 using Ar bath gas, together with a weighted linear least 
squares fit of E3.2 to the data, the gradient of which yields the bimolecular rate coefficient, 
k3.2= (4.9 ± 0.8) × 10-11 molecule-1 cm3 s-1. The green dashed lines represent the upper and 
lower 95 % confidence limits. The error bars on the pseudo first order rate coefficients result 
from the error in the fit of E3.1 to the data, and in this case the error bars are obscured by 
the symbol. The overall error in the bimolecular rate coefficient is the 95% confidence limits 




Figure 3. 8: Variation of kobs with ethanol concentration obtained at 56 ± 4 K and a density of 
(4.4 ± 0.5) × 1016 molecule cm-3 using Ar bath gas, together with a weighted linear least 
squares fit of E3.2 to the data, the gradient of which yields the bimolecular rate coefficient, 
k3.3= (6.0 ± 0.5) × 10-11 molecule-1 cm3 s-1. The green dashed lines represent the upper and 
lower 95 % confidence limits. The error bars on the pseudo first order rate coefficients result 
from the error in the fit of E3.1 to the data, and in this case the error bars are obscured by 
the symbol. The overall error in the bimolecular rate coefficient is the 95% confidence limits 
propagated with the error in the determination of the total density from the impact pressure 
measurements.  
 
Figure 3. 9: Variation of kobs with propan-2-ol concentration obtained at 91± 4 K and a 
density of (8.3 ± 0.9) × 1016 molecule cm-3 using N2 bath gas, together with a weighted 
linear least squares fit of E3.2 to the data, the gradient of which yields the bimolecular rate 
coefficient, k3.4= (6.7 ± 0.7) × 10-11 molecule-1 cm3 s-1. The green dashed lines represent the 
upper and lower 95 % confidence limits. The error bars on the pseudo first order rate 
coefficients result from the error in the fit of E3.1 to the data, and in this case the error bars 
are obscured by the symbol. The overall error in the bimolecular rate coefficient is the 95% 
confidence limits propagated with the error in the determination of the total density from the 




Figure 3. 10: Temperature dependence of k3.2, the OH + methanol rate coefficient from this 
work and other studies.4,5,7,32,34,40   
 
Figure 3. 11: Temperature dependence of k3.3, the OH + ethanol rate coefficient from this 




Figure 3. 12: Temperature dependence of k3.4, the OH + propan-2-ol rate coefficient from 
this work and other studies.6,7,44 
The rate coefficient for the reaction of OH + methanol measured at 56 K is 
found to be a factor of 55 higher than the value reported at 298K by Dillon et 
al., continuing the trend observed by Shannon et al. down to 65 K.4,32 There 
is also reasonable agreement at ~ 140 K between the independent Laval 
nozzle apparatus and flow tube measurements. The flowtube measurements 
by Gomez-Martin are in good agreement with the ambient temperature data 
obtained by Dillon et al., and indicate a turnaround of the rate coefficient 
from the Arrhenius-type behaviour to the low temperature regime around 
180 K. 4,40 The rate coefficient for the reaction of OH + ethanol measured at 
56 K is found to be a factor of 18 higher than the value reported at 293 K by 
Hess and Tully,43 signifying a strong inverse temperature dependence at 
lower temperatures. The rate coefficient for OH + propan-2-ol is also found 
to exhibit a notable inverse temperature dependence below 240 K, 






Table 3. 1: Measured rate coefficients of OH + alcohol reactions obtained in this study, 
together with the temperatures, Mach numbers and total gas densities of the flows 
generated by the pulsed Laval nozzles utilised in this work. Errors have been calculated by 
propagation of the 95 % confidence limits in the bimolecular rate coefficients with the errors 
















56#±#4# Ar# 4.4#±#0.5# 4.9#±#0.8# 6.0#±#0.5# 8#
54#±#6# Ar# 8#±#1# 8# 5.5#±#0.7# 8#
88#±#5# N2# 3.5#±#0.5# 8# 4.0#±#0.6# 5.5#±#0.7#
89#±#3# N2# 6.5#±#0.6# 8# 4.2#±#0.2# 5.7#±#0.7#
86#±#3# N2# 6.8#±#0.6# 8# 5#±#2# 8#
91#±#4# N2# 8.3#±#0.9# 8# 8# 6.7#±#0.7#
88#±#8# Ar# 9.4#±#1.3# 3.8#±#0.4# 8# 8#
88#±#4# N2# 11#±#1# 8# 5.5#±#0.6# 7#±#1#
84#±#4# N2# 12#±#2# 8# 6#±#2# 8#
82#±#3# N2# 16#±#2# 8# 7#±#3# 8#
138#±#9# N2# 8#±#1# 0.5#±#0.2# 1.7#±#0.2# 3.6#±#0.3#
148#±#15# N2# 10#±#2# 8# 1.7#±#0.4# 8#
133#±#10# N2# 13#±#3# 8# 3.6#±#0.3# 4.7#±#0.4#
144#±#15# N2# 18#±#2# 8# 3.6#±#0.8# 8#




Figure 3. 13: Pressure dependence of k3.3, the OH + ethanol rate coefficient at 54-56 K 
(green open squares, Ar bath gas), 82-89 K (N2 bath gas, black open circles) and 133-148 K 
(N2 bath gas, red open triangles). The black and red lines are the extended Lindemann-
Hinshelwood fits (E3.8) to the experimental data obtained at 88-89 K and 133-148 K, 
respectively. The error bars are the result of propagation of the 95 % confidence limits in the 
bimolecular rate coefficients with the errors in the expansion densities.  
 
Figure 3. 14: Pressure dependence of k3.4, the OH + propan-2-ol rate coefficient at 88-91 K 
(N2 bath gas, black open circles) and 133-148 K (N2 bath gas, red open triangles). The 
black line is the extended Lindemann-Hinshelwood fit (E3.8) to the experimental data 
obtained at 88-91 K. The error bars are the result of propagation of the 95 % confidence 
limits in the bimolecular rate coefficients with the errors in the expansion densities.  
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Previous work by Shannon et al. demonstrated that the rate coefficient for 
the reaction of OH with methanol was independent of pressure.32 In this 
study, the rate coefficients k3.3 and k3.4 were measured over a range of total 
bath gas densities and, in contrast to the reaction of OH with methanol, the 
measured rate coefficients demonstrate a pressure dependence at the low 
temperatures studied in this work, as shown in Figures 3.13 and 3.14. 32 
 
 
Figure 3. 15: Generic potential energy surface for the reaction of OH + alcohols outlining the 
possible reaction pathways at low temperatures, where kr is the rate coefficient for 
bimolecular reaction, and ks is the rate coefficient for collisional stabilisation of the OH-
alcohol complex into the pre-barrier well. For the reaction of OH with propan-2-ol, there is 
also a barrierless channel possibly in operation – see individual PES diagrams for more 
information. 
The observed experimental results for k3.3 and k3.4 can be interpreted by 
examining the generic potential energy surface for the reaction of OH with 
alcohols. Figure 3. 15 shows a simplified generic PES for such reactions 
based on ab initio calculations reported in the literature by Galano et al. and 
Sivamakrishnan et al.37,38 It can be observed that a weakly bound complex 
between the alcohol and OH, typically bound by ~ 18 - 27 kJ mol-1, is formed 
prior to the barrier(s) to reaction. The overall reaction is therefore described 
by an extended Lindemann-Hinshelwood type mechanism: !" + !"# !!!!!!!! !"#$%&' ∗       R3.1a !"#$%&' ∗ !!!!!!!!! !" + !"#      R3.1b !"#$%&' ∗ +! !!!!!!!! !"#$%&' + !      R3.1c 
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!"#$%&' ∗ !!!!!!!! !"#$%&'(       R3.1d 
 
The enhancement in the rate coefficients k3.3 and k3.4!with total gas density 
(as show in Figures 3.13 and 3.14) is a result of the increasing collisional 
stabilization of the complex, a channel which is not observed for the reaction 
of OH + methanol at low temperatures.32 
From this scheme, the rate of change of OH and the complex are given by: !![!"]!" = !! !" !"# − !!! !"#$%&' ∗     E3.3 ! !"#$%&' ∗!" = !! !" !"# − !!! !"#$%&' ∗    E3.4 
 −!! ! !"#$%&' ∗ − !! !"#$%&' ∗.  
Applying the steady state approximation to the complex gives: !"#$%&' ∗ = !! !" [!"#]!−!+!! ! !!!       E3.5 
and hence:  !![!"]!" = !! − !!!!!!!!!!! ! +!! !" [!"#]     E3.6 
The experimental rate law for the loss of OH via reaction with ROH is 
defined by; !![!"]!" = !!.! !" [!"#]       E3.7 
and comparing terms with E3.6 leads to: !!.! = !! (!!!!!! ! +!!)!!!!!! ! +!! − !!!!!!!!!!! ! +!! = !! !! !!!!!!! ! +!! + !! !!!!!!!! ! +!!!   
  
which is equivalent to: !!.! = !!!!!! !!! !!! + !!!! !! + !!!!!! !!!!! !!! !!+ 1!!       E3.8 
The expression E3.8 enables the Lindemann-Hinshelwood parameters to be 
obtained by fitting to observations of k3.3 or k3.4 as a function of [M], as 
shown in Figures 3.13 and 3.14.45 The rate coefficient for the pressure 
independent abstraction channel is given by k3.1 at [M]=0 (when only the 
second term in E3.8 remains) which is k3.1 = (kakr)/(k-a+kr), and the ratio kr/ks 
(previously referred to as the chemical activation ratio45) can be obtained 
from the ratio of the value of k3.1 at [M]=0 to the low pressure limiting 
gradient of k3.1 versus [M](kakr)/(k-a+kr). To deduce the chemical activation 
ratio and the rate coefficient for the pressure independent abstraction 
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channel, the high pressure limit, k3.1 = ka, was fixed at values obtained 
experimentally at ~ 89 K using the proxy method in which the loss of 
vibrationally excited OH following collisions with the alcohol is monitored. 
46,47 The complete results and methodology for the proxy method will be 
reported in Chapter 7. The same high pressure limiting value was used for 
both the ~89 K and ~140 K data, as the barrierless association reaction 
which ka is expected to be relatively independent of temperature. The values 
of ka used and the values of kr/ks, and k1(M → 0) = (kakr)/(k-a+kr) obtained 
from the fits are displayed in Table 2. 
Table 3. 2: Parameters obtained from the fit of the extended Lindemann-Hinshelwood 























88891# 4.7×10810# (1.8±0.7)×1017# (4.6±0.5)×10811#
* High pressure limits obtained experimentally using the proxy method of monitoring the 
decay of vibrationally excited OH, the details of which will be presented in Chapter 7. 
From Figures 3.13 and 3.14 it can be seen that at low temperatures the rate 
coefficient extrapolated to [M]=0 is significant, indicative of a pressure 
independent product channel. In the case of ethanol (Figure 3. 13) , for 
which all product channels proceed via a significant activation barrier, this 
provides evidence for quantum mechanical tunnelling, as observed for the 
reaction of OH with methanol.32 For propan-2-ol, although the abstraction 
channel R3.4b is calculated to be barrierless,37 and hence could proceed at 
very low temperatures, the rate coefficient between 250 – 750 K is only ~ 5 × 
10-12 cm3 molecule-1 s-1 (see Figure 3. 12) and relatively independent of 
temperature, whereas as shown in Figure 3. 14, the intercept at [M] =0 for 89 
K gives a value that is almost 10 times higher. This finding provides 
evidence for a further mechanism that is operating at very low temperatures, 
namely, once again the formation of a longer-lived complex which facilitates 
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quantum mechanical tunnelling through one of the positive barriers to 
reaction, as observed for OH + methanol.32 
 
Figure 3. 16: The extended Lindemann-Hinshelwood expression (E3.8) for k3.1 as a function 
of [M] using the best fit parameters from fitting to the 82-89 K OH + ethanol experimental 
data (cyan line), together with the calculated contributions to k3.1 from the pressure 
dependent first term (black line) and the approximately pressure independent second term 
(red line) as a function of total gas density. 
As [M] increases, this pressure independent contribution to k3.1 becomes 
less significant and the first term in E3.8 begins to dominate, representing 
the collisional stabilization of the hydrogen-bonded OH-alcohol complex. 
Figure 3. 16 shows the best-fit of the extended Lindemann-Hinshelwood 
expression E3.8 to pressure dependent data for the reaction of OH with 
ethanol at 82-89 K (as shown in Figure 3. 13), together with the individual 
contributions towards k3.1 of the two right-hand-side terms of E3.8 as a 
function of pressure. Using the mechanism above, in the limit of low 
pressure, k3.1 ([M]→0)=(kakr)/(k-a+kr) and when there is a barrier to forming 
products, kr, and hence k3.1 will be small, even though k-a will decrease 
significantly at low temperatures. However, when quantum mechanical 
tunnelling is significant (for example in hydrogen transfer reactions such as 
these), the value of kr is significant (and independent of temperature), and 
hence at low temperatures the value of k3.1 can increase significantly. The 
pressure independent rate coefficient, estimated by fitting E3.8 to the 
experimental data as shown in Figure 3. 13, is significantly larger at ~ 82-89 
K for ethanol compared with ~ 133-148 K, consistent with this mechanism 
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(see Table 3. 2). Although at 56 K there are only two data points which 
overlap within experimental uncertainties, there is evidence for a larger 
pressure independent rate coefficient. 
At high temperatures where there is sufficient energy to surmount the barrier 
to reaction, there is rapid formation (R3.1a) and dissociation (R3.1b) of the 
complex and so the bottleneck for reaction (R3.1d) is location at the barrier 
itself. The complex has a short lifetime and collisional stabilization is not able 
to compete with dissociation, and consequently only the pressure 
independent abstraction channel (R3.1d) is observed. Only at low 
temperatures is k-a sufficiently reduced such that the lifetime of the complex 
is long enough for collisional stabilization to compete with dissociation. 
30,48,49 
In the case of OH + propan-2-ol, the bimolecular abstraction reaction can 
occur via a submerged barrier for channel R3.4b.37 The observed increase in 
the rate coefficient for this bimolecular channel at low temperatures is due to 
the reduction in k-a (R3.1b) and hence an extended complex lifetime with 
decreasing temperature, resulting in a higher probability of the complex 
proceeding to products either via the submerged barrier or by tunnelling 
through one of the other positive barriers to hydrogen abstraction. 
Furthermore, the lifetime of the complex is sufficiently long that collisional 
stabilization is competitive, as evident from Figure 3. 14. 
In the case of the ethanol system, there is uncertainty in the literature as to 
whether the lowest barrier to H-abstraction (R3.3b) is submerged or not. 
Work by Sivaramakrishnan et al. at the QCISD(T)/CBS//B3LYP/6-
311++G(d,p) level of theory indicates a slightly submerged or energetically 
neutral barrier, with an error larger than the energy by which the barrier is 
submerged being placed on the value. 38 The findings of Xu and Lin using 
theory at the CCSD(T)/6-311+G(3df,2p) level support this. 36  Conversely, 
calculations by Galano et al.37 at the CCSD(T)/6-311G(d,p)//BHandHLYP/6-
311++G(d,p) level yield a small positive barrier as indicated schematically in 
Figure 3. 15. From the Arrhenius type behaviour of the experimental data 
currently in the literature at higher temperatures, as shown in Figure 3. 11, it 
is expected that this barrier is indeed positive or that the transition state is 
sufficiently tight so that the kinetic behaviour appears as if there is a positive 
barrier. Considering the low temperatures at which the experiments reported 
here have been undertaken and its demonstrated role in the OH + methanol 
reaction for a similar temperature range, the contribution of quantum 
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mechanical tunnelling in the OH + ethanol reaction (and perhaps to certain 
channels of the OH + propanol-2-ol reaction) must be considered. 32,40 
At higher temperatures, where there is sufficient energy to surmount the 
barriers to reaction, the contribution from quantum mechanical tunnelling is 
reduced and the relative heights of the barriers to hydrogen atom abstraction 
from the different moieties on ethanol or propan-2-ol influence the branching 
ratios of the products. However, at low temperatures when the quantum 
mechanical tunnelling mechanism dominates reaction, the product branching 
ratios are predominantly influenced by the shape of the vibrationally 
adiabatic reaction path, in other words, the barrier widths.32,50,51 Therefore, in 
the case of OH + ethanol it is likely that hydrogen atom abstraction process 
is not occurring through the lowest energy barrier, which corresponds to 
abstraction from the CH2 moiety (R3.3b) to form CH3CHOH, but instead 
through the barrier which has the largest imaginary frequency (~2300-2900 
cm-1), which is abstraction from the hydroxyl group (R3.3c) resulting in 
ethoxy radical formation, CH3CH2O.36-38 Although this channel has been 
experimentally and theoretically determined to be relatively inactive at 
ambient temperatures, previous work by Shannon et al. on the OH + 
methanol reaction has shown that abstraction via the barrier with the largest 
imaginary frequency (also the OH group, to form CH3O) dominates at low 
temperatures. 8,32,38 An unsuccessful attempt has been made in this work to 
detect both CH3O and CH3CH2O products of the methanol and ethanol 
reactions respectively via laser induced fluorescence spectroscopy, which 
will be further discussed in the following section. We postulate that the 
inability to observe this product is in part due to fast secondary reactions of 
the CH3CH2O radical with other radicals such as OH and H, which were 
abundant in the experiments where product detection was attempted, 
resulting in chemiluminescence which obscured the laser induced 
fluorescence signal. This is further discussed in the next section. 40 
Although there is a barrierless abstraction channel for the OH + propan-2-ol 
reaction (R3.4b), quantum mechanical tunnelling through the barrier 
associated with abstraction from the OH group of propanol-2-ol (R3.4c) may 
be competitive at low temperatures, due to the high imaginary frequency.37 
Consequently, the distribution of products at low temperatures may differ 
from the room temperature branching ratios. The pressure independent rate 
coefficients for the reactions of OH with ethanol and propan-2-ol increase by 
around a factor of 8 between 298 and 84 K, obtained from extrapolations of 
the Lindemann-Hinshelwood fits to [M]=0 and corresponding to the product 
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formation channels. These product channels are of potential relevance to 
star forming regions and molecular clouds in the interstellar medium as the 
low gas density (~ 102 - 104 molecule cm-3) in these environments means 
that collisions are very infrequent and hence collisional stabilization of the 
complex (R3.1c) is precluded.24  
For the mechanism outlined above, k3.1 (M→0)=(kakr)/(k-a+kr) and hence at 
the very low temperatures present in these regions, when k-a → 0, k3.1 = ka 
and the bimolecular reaction to form products will be encounter controlled 
and approach the gas kinetic limit. Hence reactions of this type, involving the 
formation of pre-barrier hydrogen-bonded complexes, may be important in 
these interstellar environments. 
 
3.4 Attempts of product detection from the reactions of OH with 
methanol and ethanol 
Recent work by Shannon et al., as well as work in this study has shown that 
the rate coefficients for many reactions of OH with OVOCs exhibit a large 
negative temperature dependence below 200 K.29,32,40,52 Further exploration 
of the mechanisms of these reactions via pressure dependence studies and 
master equation calculations have demonstrated that for some of these 
reactions, particularly in the case of the alcohol systems, the increase in the 
rate coefficient at low temperatures is due to a quantum tunnelling 
mechanism. In the case of OH + methanol, it has been theoretically 
determined that the low temperature product of this reaction is not CH2OH, 
the dominant high temperature product, but the methoxy radical which is 
obtained favourably via tunnelling due to the higher imaginary frequency 
associated with the barrier to this hydrogen abstraction site. This was further 
quantified by Shannon et al.32,52 via the detection and kinetics of the 
methoxy radical product by LIF at ~ 297.6 nm via the Ã2A1- ̃X̃2E, !=3 ← 0 
transition.32,52 
As discussed in the previous section, it is hypothesised that the ethoxy 
radical will be the dominant low temperature product from the OH + ethanol 
reaction at low temperatures. Attempts have been made in this work to both 
detect the products from the ethanol reaction and to repeat the methoxy 
detection work by Shannon et al. from the reaction of OH + methanol. Whilst 
both studies have been unsuccessful, the experimental procedures 
undertaken will be described and suggestions for why the alkoxy products 
could not be detected will be outlined.  
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3.4.1 Experimental procedure – Pulsed Laval nozzle apparatus 
Photolytic precursors for the alkoxy radicals (methyl and ethyl nitrite) were 
prepared as previously described in the literature (and as described in 
Chapter 6) in order to aid tuning of the dye laser to a strong transition of the 
relevant alkoxy spectra.53 Once synthesised, the vapour pressure of the 
relevant alkoxy radical precursor was admitted to an empty cylinder, then 
diluted with nitrogen (BOC, OFN). A slow flow of the relevant precursor was 
entrained into a flow of nitrogen (BOC, OFN) bath gas at a total flow rate 
found to yield a stable jet with a temperature of 88 ± 5 K and a total gas 
density of (3.5 ± 0.5) × 1016 molecule cm-3. The gas mixture was allowed to 
mix in a 2 L stainless steel ballast tank prior to expansion through the Laval 
nozzle via two pulsed solenoid valves firing at a pulse repetition frequency of 
5 Hz. The alkyl nitrite precursor was photolysed at 248 nm using an excimer 
laser aligned collinearly with the jet (pulsed excimer laser, KrF, Lambda-
Physik). At a delay time of ~ 30 µs, the probe laser was fired (Sirah Cobra 
stretch dye laser pumped by Nd:YAG Litron LPY 664-10) and was tuned to 
an approximate wavelength corresponding to an electronic transition of the 
alkoxy radical known from the literature (methoxy radical: Ã2A1  X̃2E,!3 = 1 
 0, ethoxy radical: Ã2A1  X̃2Aʺ,!10 = 3 ← 0).54,55 The wavelength of the 
probe laser was scanned at small increments (0.002 or 0.005 nm) over a 
small wavelength range (~ 1 nm) where the transition maximum was 
reported to occur in the literature. The resultant fluorescence signal from 
excitation at each wavelength (6 shots per point) was collected by a PMT 
(Thorn EMI 9813QB)  fitted with a wide bandpass filter (Thor labs, 400 ± 40 
nm), before being integrated and visualised on the oscilloscope (LeCroy 
waverunner-2) and transferred to the PC for analysis. The concentrations of 
the alkoxy radical precursors were 1.3 × 1013  and 8.3 × 1012 molecule cm-3 
for methoxy and ethoxy radicals respectively, yielding approximately 2.2 × 
1012 and 2.3 × 1012  methoxy and ethoxy radicals following photolysis at 248 
nm.56,57 
For the direct detection of methoxy and ethoxy radicals from the OH + 
alcohol reactions, the experimental setup was as previously described for 
the PLP-LIF experiments, except details that will be given below. A higher 
concentration of OH was required to attempt product detection and so ozone 
was used as the hydroxyl radical precursor via the reactions shown below.  !! !!!"#!!"!! !(!!)+ !!        P3.2 !(!!)+ !! !!!!!!!!! ! "!(! ≥ 0)+ !          R3.6 
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!"!(! ≥ 0)+ ! !!!!!!!!! ! "!(! = 0)+ !       R3.7 
Ozone has a higher absorption cross section at 248 nm than (CH3)3COOH 
by around a factor of 500, and has a quantum yield of 0.9 to produce 
O(1D).58,59 It was confirmed that more OH was indeed produced via this 
method by the magnitude of the 308 nm on-resonance OH laser induced 
fluorescence signal from the photolysis of ozone/H2 being around a factor or 
20 larger than from the photolysis of (CH3)3COOH. 
The ozone was prepared via electrical discharge of oxygen (BOC 99.999 %) 
through an ozone generator (Fischer technology Ozon-generator 500) and 
was diluted with nitrogen (BOC, OFN) in a set of stainless steel cylinders (10 
L) then left for a short mixing period. The ozone concentration was estimated 
at ~ 2 % in the cylinders and was monitored periodically by offline UV 
absorption measurements (Agilent Technologies, Cary series UV-vis 
spectrophotometer) . The vapour pressure of methanol (Sigma-Aldrich ≥ 
99.9 %) or ethanol (Sigma-Aldrich ≥ 99.8 %) was delivered to the mass flow 
controller via a bubbler system using nitrogen (BOC, OFN) as the carrier 
gas. Hydrogen (BOC), the ozone/N2/O2 mixture, nitrogen bath gas (BOC, 
OFN) and alcohol vapour pressure entrained into a nitrogen flow were 
delivered to the ballast tank via a set of calibrated mass flow controllers 
(MKS). The gas was expanded through a Laval nozzle into the reaction 
chamber held at low pressure with a set of pumps (Leybold), via two pulsed 
solenoid valves (Parker series 9) firing at a pulse repetition frequency of 5 
Hz. The chemical production of OH was initiated by the photolysis of ozone 
along the jet via a pulsed 248 nm excimer (KrF, Lambda-Physik LPX) laser 
fired at a pulse repetition frequency of 5 Hz. Detection of the proposed 
alkoxy radical products from the subsequent reaction of OH with the alcohol 
was attempted either as a function of time or probe laser wavelength. For 
the former, the probe laser was tuned to a wavelength corresponding to the 
maximum of the Ã2A1  X̃2E,!3 = 1  0 (~ 310 nm) and  B̃2A ← X̃2A !10 = 3 
← 0 band  (~ 323 nm) transitions for methoxy and ethoxy respectively. The 
delay time between the photolysis and probe lasers was increased so the 
temporal evolution of the alkoxy radicals could be obtained. In the latter 
case, the time delay between the photolysis and probe lasers was fixed 
(between ~ 140 – 200 µs) and the wavelength of the probe laser was 
scanned around the transition wavelength for the relevant alkoxy radical. In 
both cases, any off resonance fluorescence from the alkoxy radicals was 
collected via a PMT situated perpendicular to the jet and laser beams, fitted 
with a Perspex or wide bandpass filter (Thorlabs 400 ± 40 nm). The signal 
 79 
was integrated using an oscilloscope (LeCroy Waverunner-2) and 
transferred to a PC for analysis. These experiments were performed at 88 ± 
5 K with a total gas density of (3.5 ± 0.5) × 1016 molecule cm-3, and at 91 ± 4 
K with a total gas density of (1.1 ± 0.1) × 1017 molecule cm-3. Typical OH and 
alcohol concentrations ranged from around 1 × 1012 - 2.5 × 1012 molecule 
cm-3 and 1.9 × 1014 - 2.1 × 1015 molecule cm-3, respectively.   
3.4.2 Results and discussion – Pulsed Laval nozzle apparatus 
Using the alkyl nitrite precursors, LIF spectra were obtained for methoxy and 
ethoxy radicals and are shown in Figures 3.17 and 3.18 respectively. Good 
agreement was seen with the literature with regards to the maximum line 
positions of the LIF spectra for methoxy and ethoxy radicals , as shown in 
Figure 3. 19 and Figure 3. 20 respectively.54,60  
 
 
Figure 3. 17: Laser excitation  spectrum of the methoxy radical obtained from 248 nm 
photolysis of methyl nitrite, corresponding to the Ã2A1  X̃2E,!3 = 1 ← 0  band. 
Experimental details were as follows. Delay time between photolysis and probe lasers; 30 
µs. Photolysis laser energy; 303 mJ/pulse. Concentration of methyl nitrite; 1.2 × 1013 
molecule cm-3, yielding methoxy radical concentration of ~ 2.2 × 1012 molecule cm-3 (using 
cross section by Sander et al.,56 see Appendix D). Jet conditions; 88 ± 5 K, (3.5 ± 0.5)× 1016 
molecule cm-3. Scan recorded at increments of 0.005 nm with 6 shots per point. 
Fluorescence signal normalised for probe laser power, and collected through a 400 ± 40 nm 
filter (Thor labs). 
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Figure 3. 18: Laser excitation  spectrum of the ethoxy radical obtained from 248 nm 
photolysis of ethyl nitrite, correseponding to the B2A′ ← X2Aʺ !10 = 3 ← 0 band. 
Experimental details were as follows. Delay time between photolysis and probe lasers; 30 
µs. Photolysis laser energy; 327 mJ/pulse. Concentration of ethyl nitrite; 8.3 × 1012 molecule 
cm-3, yielding ethoxy radical cocentration of ~ 2.3 × 1012 molecule cm-3 (using cross section 
by Mariq and Wallington,57 see Appendix D) Jet conditions; 88 ± 5 K, (3.5 ± 0.5)× 1016 
molecule cm-3. Scan recorded at increments of 0.002 nm with 6 shots per point. 
Flurorescence signal normalised for probe laser power, and collected through a 400 ± 40 
nm filter (Thor labs). 
 
Figure 3. 19: Laser excitation spectrum of the methoxy radical obtained from 248 nm 
photolysis of methyl nitrite from this work (left), corresponding to the Ã2A1  X̃2E,!3 = 1 ← 0  
band alongside the ethoxy radical laser excitation spectrum reproduced from Foster et al. 




Figure 3. 20: Laser excitation spectrum of the ethoxy radical obtained from 248 nm 
photolysis of ethyl nitrite from this work (left), correseponding to the B2A′ ← X2Aʺ !10 = 3 ← 0 
band alongside the ethoxy radical laser excitation spectrum reproduced from Zhu et al. (cold 
jet expansion).54  
The detection of the ethoxy radical was first attempted via time dependent 
traces over at the maximum transition wavelength identified using the alkoxy 
radical precursor. Growth in the signal was not seen with time nor was any 
signal observed on the oscilloscope, and so LIF scans were performed at 
long laser delay times over the wavelength range used to identify the 
maximum in the LIF spectra from the alkoxy radical precursors.  
A possible secondary reaction which could influence the ability to observe 
ethoxy radical product from the OH + ethanol reaction is the reaction of the 
alkoxy radical with O2, which is introduced into the jet through the ozone 
cylinder (there is ~ 2 % conversion from oxygen to ozone by the corona 
discharge of oxygen). The rate coefficient for this reaction has not previously 
been studied at low temperatures, however the room temperature rate 
coefficient reported by Gutman et al. is 7.97 ×10-15 molecule-1 cm3 s-1.61  To 
investigate whether this reaction may affect the lifetime of ethoxy radicals in 
the Laval instrument, and hence reduce the reactivity of ethoxy with oxygen, 
the rate coefficient of this reaction was measured at 88 ± 5 K and (3.5 ± 0.5) 
× 1016 molecule cm-3, using ethyl nitrite as a photolytic precursor of ethoxy 
radicals. The pseduo first order rate coefficients obtained from this reaction 
as a function of oxygen concentration as shown in Figure 3. 21.  
 82 
 
Figure 3. 21: Bimolecular plot obtained for the reaction of ethoxy radicals with oxygen at 88 
± 5 K and (3.5 ± 0.5) × 1016 molecule cm-3, using N2 bath gas. Ethyl nitrite concentration = 
7.8 × 1012 molecule cm-3, yielding an ethoxy radical concentration of ~ 1.9 × 1012 molecule 
cm-3 , with a given photolysis laser energy of 291 mJ/pulse. The flat gradient of the 
bimolecular plot for ethoxy + oxygen indicates that under our experimental conditions, this 
reaction will not act as a significant loss process for ethoxy radicals, and thus will not 
influence our ability to detect ethoxy radicals from OH + alcohol reactions.  
As it can be observed from the apparent independence of the decay rate of 
ethoxy radicals on oxygen concentration in Figure 3. 21, the ethoxy radical 
concentration is not reduced in the presence of oxygen on the timescale of 
the Laval experiment, and so this reaction is not expected to be a significant 
loss channel for ethoxy radicals produced in the OH + ethanol reaction.  
The methoxy radical was previously detected by Shannon et al. from the 
reaction of OH with methanol at 82 K using this apparatus, via the Ã2A1
X̃2E,!3 = 3 ← 0 transition at ~298 nm.32 To optimise the experimental setup 
for the detection of alkoxy radical product species, methoxy radical detection 
following the reaction of OH with methanol was attempted using the Ã2A1
X̃2E,!3 = 1 ← 0 transition at ~ 310 nm. Although it must be noted that the 
same band was not used, the same electronic transition was probed, and 
literature spectra demonstrate that these bands have comparable intensity.55 
As for the ethoxy radical, the methoxy radical was unable to be directly 
detected by LIF. The only experimental evidence for the production of both 
alkoxy radicals was the presence of a chemiluminecsence-like signal with a 
lifetime of 2 µs at emission wavelengths between 360-440 nm. In a further 
attempt to detect the methoxy radical product, a series of experiments were 
then performed on a flowtube apparatus coupled with LIF and mass 
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spectrometry, in collaboration with Professor J. Plane and Dr J.C. Gomez 
Martin. Using this apparatus, the temperature of the flowtube could be 
gradually cooled from room temperature down to 140 K.  A brief 
experimental outline is given below for this apparatus prior to presenting 
results from this study. 
 
3.4.3 Experimental procedure - Cryogenically cooled flowtube 
apparatus 
Experiments were performed using a cryogenically cooled flowtube coupled 
to a 6-way cross PLP-LIF cell as shown in Figure 3. 22. This experimental 
setup was also employed for the measurements of the OH + methanol rate 
coefficients performed by Dr J.C. Gomez Martin as part of a joint publication, 
and as shown in Figure 3. 10.40  
 
Figure 3. 22: Low temperature flowtube coupled with 6-way cross photolysis cell. The 
photolysis and probe lasers for laser induced fluorescence detection are collinearly aligned 
through the 6-way cross cell, perpendicular to the axis of gas flow.  A indicates the injection 
point of the gas mixture into the photolysis cell. B indicates the reaction zone. C indicates 
the region where the methanol concentration is sampled by the TOF-MS. Diagram 
reproduced with permission from Dr Gomez Martin.40  
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The apparatus, which was insulated using neoprene, was cooled by liquid 
nitrogen that was circulated around copper tubing that surrounded the 
photolysis cell and a portion of the flowtube upstream of the photolysis cell. 
The temperature was controlled by a thermocouple positioned at the 6-way 
cross end of the flowtube providing feedback to a temperature controlled 
solenoid valve on the liquid nitrogen dewar. The gas was delivered by a 
sliding injector which was heated by a 20 W wire to avoid condensation of 
methanol. The sliding injector was positioned 3 cm upstream of the OH 
detection region in the photolysis cell to allow sufficient time for the gas 
mixture, which was warmed from the heating wire, to cool. 
One of the biggest challenges in performing low temperature chemical 
kinetics is the potential loss of reactants to the cold walls of the reaction cell. 
To characterise the loss of methanol to the walls, an electron impact mass 
spectrometer (Kore Ltd.) positioned 20 cm downstream of the reaction 
chamber (and out of the cooled region) was utilised. Methanol was then 
monitored throughout the experiments by its fragmentation peaks at m/z 
15,29 and 30.  
OH was generated by the flash photolysis of ozone in the presence of H2 
using a 248 nm excimer laser (Lambda-Physik Complex 102) operating at 
10 Hz. He bath gas (99.9999 %, BOC), ozone (generated from the electrical 
discharge of O2 (99.995 % BOC)), methanol (≥ 99.9 % Sigma-Aldrich, 
seeded in He bath gas via a bubbler) and H2 (99.9999 %, BOC) were 
delivered to a mixing manifold by a set of calibrated mass flow controllers 
(MKS). The mixed gas was then delivered to the sliding injector at a total 
flow rate of ~ 250 sccm yielding a reactor pressure of 0.5 - 3 Torr. Methoxy 
detection was attempted by LIF excitation of the Ã2A1 ← X̃2E band at ~310 
nm by the frequency doubled output of an Nd:YAG pumped dye laser 
(Continuum Surelite II, Lambda Physik Cobra Stretch with KDP doubling 
crystal). The signal was detected by a PMT (Thorn EMI, B-216F) through a 
400 ± 40 nm interference filter (Thorlabs) and visualised by an oscilloscope 
(LeCroy Waverunner LT 342) before being transferred to a PC for analysis. 
Three back-to-back experiments were performed in the flowtube apparatus 
to attempt to elucidate the emission resulting from methoxy produced from 
the OH + methanol reaction. The three traces resulting from these 
experiments were obtained under the following conditions: 




(2) He/O3/CH3OH: O(1D) is produced from ozone photolysis at 248 nm 
(P3.2). O(1D) then reacts with methanol (R3.8), which yields the methoxy 
radical with a branching ratio of ~ 0.82 reported by Matsumi et al.62 This 
ensured that the probe laser was aligned to a wavelength coincident with the 
methoxy radical excitation spectrum.  !! !!!"#!!"!! !(!!)+ !!         P3.2 !(!!)+ !!!!" !!!!!!!!!!! !" + !!!!         R3.8a !(!!)+ !!!!" !!!!!!!!!!! ! + !"#!!!        R3.8b 
 
(3) He/O3/CH3OH/H2: The O(1D) generated via O3 photolysis was 
intercepted by H2 yielding OH, which could then react with methanol.  !! !!!"#!!"!! !(!!)+ !!         P3.2 !(!!)+ !! !!!!!!!!! ! "!(! ≥ 0)+ !          R3.6 !"!(! ≥ 0)+ ! !!!!!!!!! ! "!(! = 0)+ !       R3.7 !" + !"!!" !!!!!!!!!!! !"#$%&'(      R3.2 !" + !"!!" !!!!!!!!!!! !"!!" + !!!      R3.2a !" + !"!!" !!!!!!!!!!! !"!! + !!!      R3.2b 
   
The concentrations of the reactants used in these experiments were as 
follows; [O3] ~ 2 × 1014 molecule cm-3, [methanol] ~ 1 × 1015 molecule cm-3 
and [H2] ~ 1 × 1016 molecule cm-3. Prior to analysis, trace (1) was subtracted 
from traces (2) and (3) to remove the background signal due to the 
photolysis laser. Subsequent subtraction of trace (2) from trace (3) yielded 
the methoxy signal from the reaction of OH + methanol.  
The back-to-back experiments were performed at a range of temperatures 
between 223 and 143 K. Experiments were not conducted below 143 K 
owing to substantial wall loss effects. 
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3.4.4 Results and discussion - Cryogenically cooled flowtube 
apparatus 
At temperatures above 180 K, there was no overall methoxy radical signal 
from the OH + methanol reaction although the methoxy radical was readily 
observed from experiment (2) when the probe laser was fired. 
 
Figure 3. 23: Signal as a function of time at 223 K when the probe laser was fired in the 
absence (open black circles) and presence (open red triangles) of hydrogen, corresponding 
to the experimental conditions of traces (2) and (3) respectively. The background signal 
resulting from the photolysis and probe lasers has been subtracted from both traces.  
 Below 180 K, the LIF signal was overwhelmed by a much larger signal 
(emission at wavelengths between 360-440 nm), which was present even 
without the probe laser firing, this signal was also observable in the Laval 
setup.  The lifetime of this signal was similar to the fluorescence lifetime of 
methoxy (~ 2 µs) and so would obscure any signal resulting from methoxy 
radical fluorescence. At 163 K, the signal from (2) was larger than that 
observed under the conditions of experiment (3), both without the probe 
laser.  Below 163 K, the signal observed when H2 was added to the system 
was larger, as shown in Figure 3. 24, both in the absence of the probe laser.  
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Figure 3. 24: Chemiluminescence signal as a function of time resulting from the OH + 
methanol reaction, in the presence and absence of hydrogen (traces 3 and 2), as a function 
of temperature. For 163 K and 223 K, it can be seen that the signal in the absence of 
hydrogen is larger than in the presence of hydrogen – indicating that the OH + methanol is 
not contributing to the chemiluminescence signal. However, at 143 K, the signal in the 
presence of hydrogen is larger than without indicating the formation of methoxy from OH + 
methanol.  
It is proposed that this signal observed at low temperatures is 
chemiluminescence from internally excited formaldehyde, which is 
anticipated to be produced by the reactions of methoxy radicals with H 
atoms (present from the reaction of H2 with O(1D) and also with OH.  The 
presence of the signal in the absence of the probe laser gives support to the 
signal being chemiluminescenct in nature.  A chemilumiscent signal in the 
visible/ UV wavelength would require the formaldehyde to be produced in an 
electronically excited state, which as shown below, would be accessible from 
the energetics of the proposed reactions.  !!!! + ! !!!!!!!! !!!!! + !!    (ΔH°298 = −341.7 kJ mol−1) R3.9 !!!! + !" !!!!!!!! !!!!! + !!!  (ΔH°298 = −402.0 kJ mol−1) R3.10 
The 1A’’ excited electronic state lies 337.3 kJ mol-1 above the 1A1 ground 
state of formaldehyde and therefore would be made accessible by the 
exothermicity of either of the above reactions. However, this would require 
non-statistical partitioning of the energy released from the exothermic 
reactions into the electronic transition of formaldehyde. The transition 
Ã1A’’→  X̃2A1 results in the well-characterised 350 nm band system of 
formaldehyde, and is a plausible explanation for the observed signal.63-65 
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The onset of the signal is coincident with the apparent low temperature 
turnaround in the rate coefficient for OH + methanol and the magnitude of 
the signal increases with decreasing temperature. The branching of OH + 
methanol to the methoxy radical also increases with decreasing 
temperature, which corroborates that this signal is a proxy for the production 
of methoxy.32 For this mechanism to be viable there are a few further 
conditions that need to be satisfied, and these are outlined below. First, the 
reactions for the formation of formaldehyde must be sufficiently fast so that 
signal could be observed within the experimental timeframe. Room 
temperature measurements in the literature for reactions R3.9 and R3.10 
report rate coefficients are 3.3 × 10-11 and 3 × 10-11 molecule-1 cm3 s-1, 
respectively.66,67 Given the initial O(1D) concentration of ~ 3 × 1013 molecule 
cm-3 (from the quantum yield and cross section of ozone photolysis at 248 
nm, the laser energy, and the initial ozone concentration), k3.9’~ k3.10’ is 
around 1000 s-1, which is within the timescale of the flowtube experiment. 
Another consideration is that CH2OH (a possible product from OH + 
methanol) may also react rapidly with OH to form formaldehyde with 
sufficient exothermicity (370.3 kJ mol-1) that it may occupy the 1A’’ state. 
However, whilst this reaction is fast (4 × 10-11 molecule-1 cm3 s-1),68 it is not 
competitive with the reaction of CH2OH with O2,69 which is much less 
exothermic (81.7 kJ mol-1) and therefore would not produce formaldehyde in 
the 1A’’ state. 
Numerical modelling has been undertaken by Dr J.C. Gomez Martin using 
the energetics above to assess the feasibility of the aforementioned scheme. 
A model including the rate coefficients of the reactions listed in Table 3. 3, 
the excited state lifetime of CH2O 1A’’ and the branching ratios for OH + 
methanol calculated by Shannon et al., was used to simulate the integrated 
chemiluminscence signal in the presence of hydrogen and the absence of 
the probe laser.32 Experimental data for these conditions are shown below in 
Figure 3. 25.32 The majority of the rate coefficients for the reactions utilised 
by Dr Gomez Martin (and listed in Table 3. 3) have not been studied below 
room temperature, and so this model is semi-quantative. Except for R3.2a 
and R3.2b, the reaction rate coefficients employed in the model are room 
temperature values and where necessary, branching ratios. In the case of 
R3.2a and R3.2b, the rate coefficients utilised were those reported in a joint 
publication with Dr Gomez Martin measured using a cryogenically cooled 
flowtube apparatus.40 The temperature dependent branching ratios for the 
OH + methanol reaction (R3.2a and R3.2b) were obtained from the master 
equation calculations by Shannon et al.32 
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Table 3. 3: Reactions included in the numerical model constructed and employed by Dr J.C. 







O3+hn→O(1D)+O2# # 1#×#1020#(s81)# Matsumi#et#al.70# P3.2#
OH+CH3OH→CH2OH+H2O# 886.0# N/A# This#work.40*# R3.2a#
OH+CH3OH→CH3O+H2O# 854.3# N/A# This#work.40*# R3.2b#
O(1D)+H2→OH(v>0)+H# 8183.2# 1.1##×#10810# Atkinson#et#al.71# R3.6#
OH(v>0)+M→OH(v=0)+M# # M=# CH3OH:#
3.0#×#10811#
Arbitrarily#high⧺# R3.7#
O(1D)+CH3OH→#OH+CH3O# 8177.2# 5.1# # ×# 10810#
(ɸ=#0.82)#
Matsumi#et#al.62# R3.8a#
O(1D)+CH3OH→H+HOCH2O# 8196.7# 5.1# ×# 10810#
(ɸ=#0.18)#
Matsumi#et#al.62# R3.8b#




CH3O+OH→CH2O+H2O# 8402.0# 3.0#×#10811# Tsang#and#
Hampson.67#
R3.10#
O(1D)+O2→O(3P)+O2# # 4.0#×#10811# Atkinson#et#al.71# R3.11#
CH2OH+O2→CH2O+HO2# 881.7# 1.2#×#10812# Radford69# R3.12#
CH2OH+OH→CH2O+H2O# 8370.3# 4#×#10811# Tsang#et#al.68# R3.13#
CH3O→CH2O#+#H# 8402.0# 1#×#107#(s81)# Tsang#et#al.68## R3.14#
*Branching ratio (ɸ) obtained from the master equation calculations by Shannon et al.32 
#Estimated given the exothermicity of the R3.8a. ⧺Arbitrarily high value as 






Figure 3. 25: Chemiluminescence signal as a function of time resulting from the OH + 
methanol reaction, in the presence hydrogen without the probe laser firing, as a function of 
temperature.  
 
Figure 3. 26: Integrated signal obtained from the numerical model compared with the 
integrated signal obtained experimentally, as shown in Figure 3. 25. Modelled signal is 
normalised by a constant factor to aid comparison with experimental data. Figure 
reproduced with permission from Dr Gomez Martin.40 
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As shown in Figure 3. 26, the model shows good agreement with the 
observed increase in intensity as the temperature is lowered. This indicates 
that the model accounting for the apparent chemiluminescenct signal is 
viable, and therefore the chemiluminescenct signal may be interpreted as a 
proxy for the methoxy radical formation in our experimental setup. Kinetic 
data regarding the formation of electronically excited formaldehyde 
unfortunately cannot be obtained from these chemiluminescence traces 
owing to overloading of the PMT at early times from excimer laser scatter, 
leading to incorrect temporal behaviour. 
Reactions R3.9 and R3.12 could be avoided with an alternative OH 
precursor, for example, (CH3)3COOH, which is more commonly used to 
produce OH in our experiments. However, due to limited sensitivity to alkoxy 
radicals in our system (OH, via excitation at 308 nm, is around a factor of 
300 easier to detect than methoxy radicals, see Appendix D) the use of 
ozone as an OH precursor has been previously shown by Shannon et al. to 
be a necessity in these experiments as it can produce a much higher 
concentration of OH, and subsequently a higher concentration of the alkoxy 
products.32,52  
To reduce the loss of methoxy radicals from secondary chemistry, 
specifically reaction R3.9, OH could instead be produced using ozone/H2O, 
which would remove H atoms from the system. !! + ℎ! !! !(!!)+ !!        P3.2 !(!!)+ !!!!! !! 2!"        R3.15 
However this is reliant of sufficient water vapour being delivered to the jet 
without significant freezing out. Whilst LIF allows sensitive detection on a 
zero background, it may be possible to utilize mass spectrometry to directly 
detect the products for this system. For example, it may be possible to 
couple a cryogenically cooled flowtube system with a multiplexed 
photoionization mass spectrometer or iPEPICO (imaging photoion 
photoelectron coincidence spectroscopy), and confirm the products of the 
reaction both by mass spectrometry and photoionization spectra using 




3.5 Interstellar impact of OH + alcohol reactions 
The potential impact of OH + alcohol reactions has been assessed through 
astrochemical modelling in collaboration with Dr Kinsuk Acharyya and 
Professor Eric Herbst at the University of Virginia.41 Acharyya and Herbst 
constructed a model encompassing both gas phase and gas-grain 
processes, comprising reactions from the KIDA database with recommended 
and valid status, and those listed by Garrod et al.75 In the gas phase 8620 
reactions were included involving 670 species. The temperature 
dependence of these reactions was approximated using a modified 
Arrhenius expression where a, b and g are parameters.!! ! = ! !!"" ! !"# − !!        E3.9 
Ion-neutral reactions were treated in one of two ways depending on whether 
the neutral reactant was considered polar or non-polar. The difference 
between the former and the latter treatment is as to whether the long-range 
capture forces are non-central (former) or central (latter).  
For the non-polar case, a Langevin value of the rate coefficient (kL) was 
obtained using E3.10, where a is the dipole polarisability and m is the 
reduced mass of the reactants. !! = 2!!!"# !! !.!          E3.10 
In the case of polar molecules, the Su- Chesnavich approach was utilised.76 
Firstly, the value of c was calculated using the dipole moment (mD) as shown 
in E3.11, where a is the dipole polarisability and KB is the Boltzmann 
constant. ! = !!(!!!!!)!.!         E3.11  
If the value of c was determined to be less than 2, then E3.12 was utilised, 
and if c was determined to be equal or greater than 2, E3.13 was used.  !!!! = (!!!.!"#")!!".!"#$!!.!"#$        E3.12  !!!! = 0.4767! + 0.6200       E3.13 
The gas phase reaction types included in the model are shown alongside a 
brief description in Table 3. 4. 
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Table 3. 4: Gas phase reactions types included in the model constructed by Dr Kinsuk 
Acharyya and Professor Eric Herbst. Table taken from the resultant joint publication by 








Bimolecular#reactions# Including# neutral8neutral,# ion8neutral,#
ionic,# and# associative# ionization#
reactions#
Charge#exchange#reactions# Reaction# between# two# oppositely#
charged#particles#
Radiative#association# Association# reaction# between# two#
species#stabilised#by#photon#emission.#
Associative#detachment# Association# of# a# neutral# species# and# an#
anion# resulting# in# the# ejection# of# an#
electron#
Dissociative#recombination## Recombination#of#a#positive#ion#with#an#
electron# resulting# in# the# dissociation# of#
the#parent#neutral#
Radiative#attachment# Emission# of# a# photon# following# the#
attachment# of# an# electron# to# a# neutral#
radical#
 
Surface reactions were also included in the model, these types of reactions 
are beyond the scope of this thesis and so only a brief outline of their 
treatment is given. Laboratory studies of astrochemically relevant reactions 
on the surface have been shown to operate only via the Langmuir-
Hinshelwood mechanism, whereby the gas phase species must both be 
adsorbed onto the surface before reaction can occur. Very few laboratory 
studies have found evidence as of yet for the Eley-Rideal mechanism - 
where only one species is adsorbed onto the surface and reacts with a gas-
phase species. As such, only the Langmuir-Hinshelwood case is accounted 
for in the model.  
For a surface reaction between species j and k, the rate of adsorption of the 
gas phase species onto the grain surface is calculated using E3.14 
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!!"(!) = !!!!![!]        E3.14  
where Sj is the sticking probability (assumed to be 0.5 or 1), σ is the cross 
section of the grain (in cm2), vj is the velocity of the adsorbing gas phase 
species, and [j] is concentration of j (cm-3).  
To participate in a reaction, the adsorbed species must diffuse along the 
surface to encounter a co-reagent. The rate of diffusion is given by E3.15 !!"## = !!!"#! !!!!!!!         E3.15  
where v0 is the attempt frequency for the adsorbed species (assumed to be 
on the order of 1012 s-1) , Eb is the energy barrier between different 
adsorption sites, Td is the temperature of the grain and Ns is the total number 
of sites.  
Finally, the bimolecular reaction between species j and k is calculated by 
E3.16 !!" = !!" !!"##,! + !!"##,! !!!! !"#$%      E3.16  
where kjk is the probability of reaction to occur between species j and k upon 
an encounter, nj and nk are the number of species of type j and k per grain, 
and [grain] is the number of grains per volume.  
Recent experimental work has found evidence for tunnelling through the 
barrier to diffusion along grain surfaces for species as large as oxygen 
atoms.77,78 However, the model employed in the current work does not 
account for this type of behaviour. A total of 2764 surface reactions between 
247 species were included in the model. 
The initial gas phase elemental abundances were representative of cold 
clouds and H2, all species were in their atomic components. The standard 
total hydrogen density (nH), which is the sum of the concentrations of atomic 
hydrogen and twice the concentration of molecular hydrogen, was set to a 
value of 2 × 104 cm-3. The model as operated in pseudo time dependence 
mode, whereby the physical parameters (such as temperature, the cosmic 
ray ionisation rate and sticking coefficients) were kept the same throughout 
the model and the temporal evolution of the species through is monitored.  
The model was run at three temperatures, 10, 50 and 100 K. The OH + 
propan-2-ol reaction was not included in the model as there are no 
confirmed interstellar detections of propanol as of yet. The rate coefficients 
utilised in the model for the OH + methanol reaction were those from the 
MESMER fit by Shannon et al.32 For the OH + ethanol reaction, the 
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experimentally obtained values at 56 K and 86 K were utilised for 50 and 
100 K respectively, however it must be noted that these values will be an 
upper limit to the true values as they contain a contribution from the pressure 
dependence channel. Therefore, these values will subject to error and to 
obtain more accurate values, full master equation analysis of this reaction 
should be performed. The values utilised in the model are summarised in 
Table 3. 5. 
Table 3. 5: Rate coefficients utilised in the model constructed by Dr Kinsuk Acharyya and 
Professor Eric Herbst.41 
Reaction# Rate#coefficient#utilised#/#10810#molecule81#cm3#s81#
10#K# 50#K# 100#K#
OH#+#methanol# 3.0# 0.49# 0.38#
OH#+#ethanol# 0.6# 0.6# 0.5#
 
The products of the reactions were assumed to be the methoxy radical or 
the ethoxy radical and water vapour (R3.2b and R3.3c). 
The model results show that the OH + ethanol reaction has little impact on 
the hydroxyl radical and ethanol abundances and is unlikely to be a 
significant loss channel for these species in interstellar environments. 
The OH + methanol has a higher impact. The maximum enhancement in 
methanol loss when the OH + methanol reaction is included in the model is 
at 10 K and 5 × 105 years, where the methanol concentration is reduced by 
20 %. This loss is decreased at 50 and 100 K, corresponding to the slower 
rate coefficient for the OH + methanol reaction at higher temperatures. At 10 
K, the maximum enhancement of H2O when the alcohol reactions are 
included is by 25 %, which occurs at 5 × 106 years, as shown in Figure 3. 27. 
At 10 K and 106 years, the concentration of the methoxy radical is twice as 
large when the OH + methanol reaction is included in the model, as shown in 
Figure 3. 28.  At 50 K, the maximum enhancement in the methoxy radical 
concentration is 50 % (at 2 × 106 years) and at 100 K, the methoxy radical 
concentration is enhanced only by 2 %.  
There were no loss routes of the alkoxy radical products included in the 
model and as such the methoxy radical concentration was overestimated by 
at least a factor of 30 at 10 K compared to astrochemical observations. 
Potential loss routes of alkoxy radicals relevant to cold astrochemical 
environments should therefore be investigated to aid future modelling work. 
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Figure 3. 27: Temporal percentage gains or losses of water vapour (black line), and the 
hydroxyl radical (red dashed line) on the inclusion of the OH + alcohol reactions compared 
to without. Reproduced from Acharyya et al.41 
 
Figure 3. 28: Temporal methoxy radical concentration with respect to hydrogen as a 
function of temperature, with (red symbols and lines) and without (black symbols and lines) 




This chapter has covered the work undertaken on the low temperature 
kinetics of OH + alcohol reactions. Prior to this work, only one study had 
been performed on the reaction kinetics of OH with methanol below 200 K. 
The work by Shannon et al., also performed in this laboratory, demonstrated 
a dramatic negative temperature dependence of the rate coefficient below 
200 K with measurements of the rate coefficient at 65 K.32 However, there 
was significantly uncertainty about the turnaround in the rate coefficient from 
the apparent Arrhenius-type high temperature behaviour and the low 
temperature kinetic behaviour. The current work has built upon the work by 
Shannon et al. through kinetic measurements of the OH + methanol rate 
coefficient at both higher (138-148 K) and lower (54 K) temperatures than 
measured in the previous work.40 The experimentally obtained rate 
coefficients support the work of Shannon et al.40 Further experimental rate 
coefficients have been obtained by Dr Gomez Martin as part of a 
collaboration, using a cryogenically cooled flow tube apparatus.40 The results 
obtained by Dr Gomez Martin overlap with data by Dillon et al., and also with 
the 138-148 K data reported in this thesis.4,40  
The reaction kinetics of OH with ethanol and with propan-2-ol have been 
studied below 200 K for the first time. 42 Similar behaviour is observed for the 
low temperature kinetics as for the OH + methanol reaction. A common 
mechanism operating in these reactions has been identified, involving the 
formation of a weakly bound complex prior to the overall barrier to hydrogen 
abstraction. The extended lifetime of this complex at decreasing 
temperatures enhances the probability of transmission through the barrier by 
quantum tunnelling. For the longer chain alcohols, a pressure-dependent 
channel is also observed which corresponds to the collisional stabilisation of 
the weakly bound complex in to the pre-barrier well. Study of the pressure 
dependence of the rate coefficients and fitting the data with an extended 
Lindemann-Hinshelwood expression has enabled the low pressure limiting 
rate coefficients for the OH + ethanol and propan-2-ol reactions to be 
obtained. These pressure independent rate coefficients, corresponding to 
the bimolecular H-abstraction reaction, are around a factor of 8 greater at 89 
K than at room temperature for both systems. The turnaround in the 
pressure-independent component of the rate coefficient is less dramatic for 
these systems than the OH + methanol reaction. This is expected as the 
barrier heights for hydrogen abstraction decrease with increasing carbon 
chain length, as demonstrated by the calculations by Galano et al., and 
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shown in Figures 3.1-3.3.37 The effect therefore is two-fold: At temperatures 
above 200 K, the decrease in the rate coefficient with decreasing 
temperature becomes less steep, and at lower temperatures where 
tunnelling may contribute significantly to the rate coefficient, the barrier 
heights are lowered and so the probability of tunnelling is increased at a 
higher temperature.  
Product detection via laser induced fluorescence spectroscopy has been 
attempted for the methanol and ethanol reactions. Whilst direct detection of 
methoxy and ethoxy radicals was unsuccessful, a chemiluminescenct signal 
was observed at temperatures coincident with and below where the OH + 
methanol reaction rate coefficient is observed to increase, and where the 
methoxy radical becomes the dominant reaction product. A simple chemical 
model constructed by Dr Gomez Martin rationalises the temperature 
dependent signal of the chemiluminescence by secondary reactions of the 
methoxy radical products. In the case of the OH + ethanol reaction, a similar 
chemiluminescent signal was observed in the pulsed Laval apparatus, but 
further investigation was not carried out. The difficulty in detecting the 
products of these reactions indicates the need for alternative detection 
methods to be coupled to the Laval apparatus, and also for high level rate 
theory calculations to be performed on these systems.  
Methanol, ethanol and OH have been detected in appreciable 
concentrations in various interstellar environments where temperatures can 
reach as low as 10 K.10-18,22-26,28 Despite this, the gas phase reactions 
between OH and alcohols have thus far been neglected or severely 
underestimated in interstellar networks due to extrapolation of Arrhenius 
data from room temperature measurements, which neglects the role of the 
complex. These low temperature interstellar environments are typically very 
low pressure (102-104 molecule cm-3) and so only the bimolecular, pressure-
independent tunnelling reaction would be viable.24 From the pressure 
dependence measurements in this work and by Shannon, the pressure-
independent bimolecular rate coefficients at low temperatures for this class 
of reactions are obtained for the first time. These values are of interest to the 
astrochemical modelling community. A collaboration with the Herbst group 
(U.Virginia) using our measurements in an interstellar chemical model has 
been undertaken to assess the potential impact of these reactions.41 It was 
demonstrated that the OH + methanol reaction has a notable impact on 
interstellar methoxy radical abundances, and at 10 K and 106 years the 
methoxy radical is enhanced by a factor of two when the reaction is included 
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in the model. However, the methoxy radical concentration determined by the 
model is at least a factor of thirty greater than observations, suggesting 
unknown low temperature loss channels of the methoxy radical that should 
further be investigated. 
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Chapter 4. The low temperature reaction kinetics of OH with 
acetone and dimethyl ether: Experimental studies and 
master equation calculations. 
4.1 Background and previous work on the reactions of OH with 
acetone and dimethyl ether 
The reaction of OH with acetone has been extensively studied at ambient 
and high temperatures owing to its importance to the Earth’s atmosphere. 
Acetone is emitted into the atmosphere via anthropogenic sources such as 
solvent usage1 and biomass burning2 and a recent field campaign has 
demonstrated that abundance levels in an urban environment can range 
from 0.37-6.7 ppb.3 Dimethyl ether (DME) is currently used as a fuel additive 
and is being investigated as a potential substitute to diesel.4 In both 
atmospheric and combustion environments the reaction of these oxygenated 
volatile organic compounds (oVOCs) with OH is important. The daytime sink 
of many oVOCs, such as acetone and DME, is reaction with the hydroxyl 
radical, OH, and the initial propagation step in DME combustion is its 
reaction with OH.4,5 
The rate coefficient for the reaction of OH with acetone (k4.1), which has 
largely been studied via PLP-LIF of OH, was found to exhibit Arrhenius-type 
behaviour at higher temperatures consistent with hydrogen abstraction from 
acetone by OH over a barrier. No pressure dependence of this reaction, 
which would indicate an association mechanism, has previously been 
observed.6,7 However, approaching room temperature there is notable 
deviation from Arrhenius behaviour and at lower temperatures, the rate 
coefficient appears to exhibit a slightly negative temperature dependence.  
The reaction of OH with acetone has two possible product channels, as 
shown in Figure 4. 1. !" + !!!! ! !!! !!!!.!!! !"#$%&'(      R4.1 !" + !!!! ! !!! → !!! + !!!! ! !!!     R4.1a !" + !!!! ! !!! → !!! + !!!! ! !"     R4.1b 
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 Figure 4. 1: To-scale potential energy surface for the reaction of OH with acetone, based 
on calculations by Henon et al.8 
Initial experiments by Wollenhaupt et al. at room temperature indicated that 
the route to form acetic acid and methyl radicals may be significant – with a 
branching fraction of up to 50 %.6 However, subsequent experimental and 
theoretical work by authors such as Vandenberk et al., Gierczak et al., and 
Talkukdar et al. has demonstrated that this channel is negligible (less than 1 
%) and the dominant channel is the formation of acetonyl and water.9-11 
The reaction of OH with DME, R4.2,  has been studied from combustion 
temperatures down to ~ 200 K. At ambient and high temperatures, the 
mechanism is expected to be purely abstractive,  leading to the formation of 
methoxy methyl and water as shown in Figure 4. 2, and Carr et al. found no 
direct evidence of collisional stabilization of the weakly bound OH-DME pre-
reactive complex.4 This was corroborated by studies of OH reactions with 
various deuterated analogues of DME also performed by Carr et al..4 Below 
room temperature, there appears to be some deviation from Arrhenius type 
behaviour.4,12,13 ! " + !!!!"!! !!!!.!!! !"#$%&'(      R4.2 !" + !!!!"!! → !!! + !!!!"!!      R4.2a 
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Figure 4. 2: To-scale potential energy surface for the reaction of OH with dimethyl ether, 
based on calculations by Carr et al.4  
The reaction between these species is also relevant to cold interstellar 
environments, for example, DME, acetone and OH have all been detected in 
the Sagittarius molecular cloud, where temperatures reach as low as 40 K. 
14-16 As such, the reaction between OH and acetone has been studied in this 
laboratory at 62- 93 K by Taylor et al. and Shannon et al. and the reaction of 
OH + DME has been studied by Shannon et al. at 93-112 K, both using the 
pulsed Laval nozzle apparatus utilised in this work in tandem with PLP-LIF of 
OH.17-19 
Prior to the low temperature work by Shannon et al. and Taylor et al., it had 
been noted that towards 200 K, the rate coefficient for OH + acetone tended 
towards a temperature-independent value of ~ 1 × 10-13 molecule-1 cm3 s-
1.17-21 Two mechanisms were proposed to account for this behaviour in the 
literature. Following theoretical work, Caralp et al. concluded that the 
deviation from typical Arrhenius behaviour at low temperatures could be 
accounted for by the quantum tunnelling mechanism.20 The occurrence of 
tunnelling is often manifested in deviation from Arrhenius behaviour, where 
the low temperature rate coefficients are not as small as expected.22,23 
Tunnelling has recently been shown to be an important contribution to the 
enhanced rate coefficients at low temperatures for several hydrogen 
abstraction reactions and so this mechanism is plausible.24,25 Wallington and 
Kurylo suggested that the turnaround is perhaps due to the collisional 
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stabilisation of the weakly bound complex between OH and acetone into the 
pre-barrier well.21 Analogous mechanisms could be expected to be operating 
for OH + DME, due to the similarity of the potential energy surfaces. 
 
Figure 4. 3: Simplified PES for the OH + oVOC reactions, where IM1 denotes the pre-barrier 
complex between the reactant species, and IM2 denotes the post-barrier complex between 
the products. 
At low temperatures two mechanisms are possible. The simplified potential 
energy surfaces for both OH + acetone and OH + DME, based on 
calculations in the literature, as shown in Figure 4. 3,  feature a weak well 
(~18-29 kJ mol-1) followed by a significant barrier to hydrogen abstraction. 
The OH and co-reactant can form a weakly bound complex (via a barrierless 
association reaction), which at higher temperatures will quickly dissociate. 
As the temperature is lowered, the internal energy of the complex is also 
lowered, and so redissociation is slower and consequently the complex 
lifetime is enhanced. The complex then has three possible fates – 
stabilization into the weak pre-barrier well via collisions with the bath gas, 
redissociation back to reactants, or reaction via quantum tunnelling through 
the barrier to hydrogen abstraction. At low temperatures the bimolecular 
reaction channel, which is pressure-independent, is only able to occur via 
the latter mechanism as the internal energy of the reactants is insufficient to 
transcend the barrier to reaction. Thus if reaction occurs, it must do so by 
quantum mechanical tunnelling through the barrier.  
The collisional stabilisation mechanism as well as the tunnelling mechanism 
is likely to be enhanced as low temperatures. The complex, which will be 
longer lived at low temperatures, has less internal energy and so fewer 
collisions will be required to stabilise it into the pre-barrier well, and the high 
pressure limiting rate coefficient will be achieved at a lower pressure. Thus, 
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to understand which mechanism operating at low temperatures, the pressure 
dependence of the rate coefficient, as well as the temperature dependence 
needs to be examined.  
The non-Arrhenius behaviour observed previously for OH + acetone was 
found to be exacerbated at lower temperatures in investigations by Shannon 
et al. and Taylor et al., and this reaction was observed to exhibit a large 
inverse temperature dependence below 200 K, with k86 K/298 K ~ 334.17 A less 
dramatic enhancement was observed by Shannon et al. on the OH + DME 
reaction with k93 K/298 K ~ 3.17 
Despite the extensive study of these reactions, there are no experimental 
data in the range 93 to 202 K, and prior to the work of Shannon, first 
published alongside this work, no pressure dependent studies at low 
temperatures.19,26 Therefore, both the shape of the turnaround from the high 
temperature to the low temperature regime of the bimolecular rate 
coefficients and the mechanisms operating at 200 K and below are not well 
understood.  
This present study has built upon the existing experimental work by 
measurements of the rate coefficient for the OH + acetone reaction from 
133-146 K using both deuterated (R4.3) and non-deuterated (R4.1) 
analogues of OH and acetone to attempt to assess the contribution of the 
two channels to the overall rate coefficient, and by measurements of the OH 
+ DME (R4.2) rate coefficient at 133 and 138 K.  !" + !!!!(!)!!! !!!!.!!! !"#$%&'(      R4.3 !" + !!!!(!)!!! → !!! + !!!!(!)!!!     R4.3a 
This work has been published alongside further work by Shannon on these 
reactions including low temperature pressure dependence studies and 
master equation work.26 The work by Shannon as part of the joint publication  
will be discussed in the context of the work carried out as part of this 
thesis.26  
 
4.2 Experimental procedure 
The experiments were carried out as described in Chapter 2 and so only a 
brief outline will be given below.  
For the OH + acetone (and OD + acetone-d6) reaction, acetone(acetone-d6) 
was also used as an OH(OD) precursor. Carr et al. demonstrated that 
photolysis of acetone at 248 nm leads to acetyl radical formation with a 
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quantum yield of 0.9.27 In the presence of sufficient oxygen, the acetyl is 
titrated to a lactone molecule and OH.28 !!!! ! !!! + ℎ! → !!!!" + !!!!!!!!!!!!! !"#!!"! = 0.9!!! ! P4.1!  !!!!" + !! → !" + !! − !"#$%&'!!!!      R4.4 
Shannon et al. have seen evidence that in the case of OH + NH3 at very low 
temperatures, the t-BuOOH hydroxyl radical precursor was found to form a 
complex to the NH3 co-reagent which itself was reactive with OH.19 For the 
OH + acetone study, both acetyl and t-BuOOH were used as OH precursors 
in comparative experiments to ensure that no secondary chemistry between 
the OH precursor and the co-reagent was occurring.  (!!!)!!""# + ℎ! → !",!!∗ + !!" − !"#$%&'(    P4.2 !"∗ +!! !!!!!"#!!! !" +!       R4.5 
The vapour pressure of acetone, DME or acetone-d6, was admitted to an 
empty cylinder and diluted with nitrogen (BOC, OFN) then left to mix 
overnight. Nitrogen bath gas (BOC, OFN), the acetone (VWR > 99.9 %), 
DME (Aldrich > 99.9 %) or acetone-d6 (Eur-isotop > 99.8 %) / nitrogen 
(BOC, OFN) mixture and either oxygen (BOC 99.999 %) or t-BuOOH 
(Aldrich, 70 % wt. in H2O,) were flowed through a set of calibrated mass flow 
controllers (MKS, Mass-Flo). The gas was mixed in a 2 L stainless steel 
ballast tank prior to delivery to the Laval nozzle reservoir via two pulsed 
solenoid valves (Parker, series 9) operating at a pulse repetition frequency 
of 5 Hz with ~ 10-20 ms pulses (depending on the desired jet density). A 248 
nm excimer laser (Lambda-Physik LPX) with a pulse repetition frequency of 
5 Hz aligned collinearly to the jet was used to photolyse the OH (or OD) 
precursor.  
The relative population of OH (or OD) radicals was probed using LIF via a 
Nd:YAG (Litron LPY 664-10) pumped dye laser (Sirah Gmbh Cobra stretch) 
tuned to be resonant with an OH (or OD) A2Σ+←X2Πi (1,0) at ~ 282 nm (or ~ 
287 nm). The off-resonant fluorescence from the excited OH (or OD) was 
collected by a PMT (Thorn EMI 9813QB) fitted with an interference filter 
(Barr associates, λmax =308.5 nm, 5nm FWHM) .The temporal evolution of 
OH (OD) was obtained by increasing the delay time between the photolysis 
and probe lasers and traces were acquired which were found to be 
exponential in nature. For pseudo first order conditions [ROH]>>[OH] the 
temporal evolution of OH is given by E4.1(see Appendix C for derivation). 
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[!"]! = !!"!!!"#!!!"# [!"∗]! !!!!!"#! − !!!!"#! +[!"]!!!!!"#!  E4.1 
where kobs is the pseudo first order rate coefficient , OH*  is an initially 
rotationally excited hydroxyl radical, formed in v!= 0 from photolysis of the 
precursor, and k’rel is the pseudo first order rate coefficient for rotational 
relaxation of the rotationally excited hydroxyl radical into the laser-probed 
level, OH.  
By varying the acetone , DME or acetone-d6 concentration, pseudo first 
order decay traces were obtained at a range of co-reagent concentrations. 
The bimolecular rate coefficient was determined from the gradient of a plot 
of pseudo first order rate coefficient versus co-reagent concentration.   !!"# = !!.! !"#$%&# + !!"##!       E4.2 !!"# = !!.! !"# + !!"##!        E4.3 !!"# = !!.! !"#$%&# − !6 + !!"##!       E4.4 
kloss is the rate coefficient for the loss of OH out of the detection region via 
diffusion and reaction with the precursor. 
 
4.3 Computational methods 
Ab initio and master equation calculations were carried out by Dr Robin 
Shannon (University of Leeds) as part of this work and the results of these 
calculations are used to aid interpretation of the experimental data. A brief 
outline of the theoretical methods employed by Dr Shannon for these 
calculations is given below.  
Statistical rate theory calculations were performed using the master equation 
solver software, MESMER – further details regarding this are in Chapter 1.29 
RRKM (Rice-Ramsperger-Kassel-Marcus) theory was used to model the 
transfer of the population of isoenergetic grains between isomers, and an 
exponential down model was used for collisional energy transfer. A 
bimolecular source term was added into MESMER, where the barrierless 
association of OH and the co-reagent was modelled using the inverse 
Laplace transform of the high pressure limiting rate coefficient (see Appendix 
A). For both the DME and acetone systems, a grain size of 50 cm-1 was 
utilised, except below 60 K, where convergence was only achieved with a 
smaller grain size of 10 cm-1. Given the role of tunnelling observed for H-
transfer reactions at low temperatures previously, tunnelling was accounted 
for by two methods : Using an Eckart potential and the imaginary frequency 
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of the barrier via the method of Miller, and also using the semi-classical 
WKB (Wentzel-Kramers-Brillouin) method. For the latter, an IRC (intrinsic 
reaction coordinate) calculation was performed at the MBW1K/6-
31+G(2d,2p) level using Gaussian 03.30-32  
Due to the availability of potential energy surfaces in the literature, a new 
surface was not calculated for the reaction of OH + acetone. The surface of 
Caralp et al., based on calculations of Henon et al. at the MP2/6-
31G**//CCSD/6-31G** level was employed.8,20 In the case of OH + DME, Dr 
Shannon had recently calculated a potential surface at the 
FCC/CBS//CCSD/AVDZ level of theory as part of a publication by Carr et al.,  
and so this was utilised for the current work.4 More than one transition state 
was reported for H-abstraction in both reactions. For the DME reaction, 
these were found to be conformers of one another – linked by a hindered 
internal rotation. Given the low temperature focus of the present work, only 
the lowest energy transition state was considered for each system. 
Further approximations were made to simplify the master equation 
calculations First, IM2 was treated as a sink (see Figure 4. 3), and so the 
final reaction out to bimolecular reactions was not included in the 
calculations. And secondly, the final step from IM1 to IM2 (see Figure 4. 3) 
was treated as irreversible. To better represent the low frequency vibrations 
obtained from the initial ab initio calculations, they were treated as hindered 
rotors, with hindered rotor calculations performed in Gaussian 03 at the 
MBW1K/6-31+G(2d,2p) level.30 
The experimental data from both this, and previous higher temperature 
studies, were used in a Levenberg Marquardt fitting routine within MESMER. 
Due to the highly coupled nature of the well-depth of IM1 and the value of 
<ΔEdown> it was necessary to fix one of these parameters, and so for both 
the reaction of OH with acetone and with DME, <ΔEdown> was fixed at 300 
cm-1. 
 
4.4 Results and discussion 
Examples of the temporal evolution of the OH LIF signal following 248 nm 
photolysis of t-BuOOH, in the presence of acetone and DME are shown in 
Figure 4. 4 and Figure 4. 5, respectively, together with the non-linear least 
squares fits of E4.1 to the data which yielded kobs. Experiments were 
conducted over a range of co-reagent concentrations and Figure 4. 6 and 
Figure 4. 7 are examples of the variation of kobs with [co-reagent], from which 
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the bimolecular rate coefficients are obtained. The rate coefficients obtained 
in this study, alongside rate coefficients obtained as part of a joint publication 
with Dr Robin Shannon using this apparatus,26 and also those previously 
obtained by Shannon et al. are summarized in Table 4. 1 and the 
temperature dependence of the rate coefficients for OH + acetone and OH + 
DME are shown in Figure 4. 8 and Figure 4. 9 respectively. Rate coefficients 
were measured experimentally between 63 K and 148 K and total gas 
densities spanning 3.2 × 1016 - 2.6 × 1017 molecule cm-3. 
Table 4. 1: Measured rate coefficients of the reactions of OH with acetone and DME and 
OD + acetone-d6 obtained in this study, together with previous work presented by Shannon 
et al. using this apparatus, shown alongside with the temperatures and total gas densities of 
the flows generated by the pulsed Laval nozzle utilised in the measurements. Errors have 
been calculated by propagation of the 95 % confidence limits in the bimolecular rate 
coefficients with the errors in the expansion densities. 















63#±#2# 3.4#±#0.3# 0# 0# 0# 1.7#±#0.1"a#
79#±#3# 17#±#2# Acetyl/O2# 10#±#1"a# 0# 1.9#±#0.2"a#
82#±#4# 3.2#±#0.6# Acetyl/O2# 3.7#±#0.4"a# 0# 0#
82#±#4# 5.1#±#0.5# Acetyl/O2# 5.9#±#0.6"a# 0# 0#
83#±#3# 6.1#±#0.5# 0# 0# 0# 0.8#±#0.1"b#
86#±#3# 6.5#±#0.6# Acetyl/O2# 5.6#±#0.6"b# 0# 0#
83#±#3# 8.9#±#0.6# Acetyl/O2# 7.6#±#0.8"a# 0# 0.9#±#0.1"a#
81#±#4# 13#±#2# Acetyl/O2# 8.9#±#0.9"a# 0# 1.6#±#0.3"a#
93#±#4# 6.5#±#0.5# Acetyl/O2# 5.6#±#0.8"a# 0# 0.77#±#0.04"b#
93#±#4# 6.5#±#0.5# d0Acetyl/O2# 0# 6.8#±#0.7"a# 0#
112#±#9# 6#±#1# Acetyl/O2# 0.5#±#0.1"b# 0# 0#
110#±#8# 9#±#1# 0# 0# 0# 0.4#±#0.1"a#
138#±#9# 8#±#1# t(BuOOH# 0.13#±#0.09# 0# 0.31#±#0.05#
133#±#10# 13#±#3# t(BuOOH# 0.28#±#0.06# 0# 0.30#±#0.04#
148#±#15# 10#±#1# t(BuOOH# 0.16#±#0.08# 0# 0#
143#±#15# 18#±#2# t(BuOOH# 0.2#±#0.1# 0# 0#
146#±#15# 26#±#4# t(BuOOH# 0.35#±#0.07# 0# 0#
146#±#15# 26#±#4# Acetyl/O2# 0.3#±#0.1# 0# 0#
146#±#15# 26#±#4# d0Acetyl/O2# 0# 0.16#±#0.05# 0#
aData obtained by Shannon as part of this study and published in co-authored paper.26 




Figure 4. 4: Pseudo first order LIF trace of OH together with the non linear least squares fit 
of E4.1 to the data from the 248 nm photolysis of (CH3)3COOH in the absence of a co-
reagent at 146 ± 15 K and a total gas density of (2.6 ± 0.4) × 1017 molecule cm-3 using N2 
bath gas. The least squares fit of E4.1 to the data yields a pseudo first order rate coefficient 
of  6269 ± 258 s-1. 
 
 Figure 4. 5: Pseudo first order LIF trace of OH together with the non linear least squares fit 
of E4.1 to the data from the 248 nm photolysis of (CH3)3COOH in the presence of DME 
(1.48 × 1015 molecule cm-3) at 133 ± 10 K and a total gas density of (1.3 ± 0.3) × 1017 
molecule cm-3 using N2 bath gas. The least squares fit of E4.1 to the data yields a pseudo 
first order rate coefficient of 9001 ± 401 s-1. 
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Figure 4. 6: Variation of kobs with acetone concentration obtained at 146 ± 15 K and a total 
gas density of (2.6 ± 0.4) × 1017 molecule cm-3 using N2 bath gas, together with a weighted 
linear least squares fit of E4.2 to the data, the gradient of which yields the bimolecular rate 
coefficient, k4.1= (3.5 ± 0.7) × 10-12 molecule-1 cm3 s-1 .The green dashed lines represent the 
upper and lower 95 % confidence limits. The overall error in the bimolecular rate coefficient 
is the 95% confidence limits propagated with the error in the determination of the total 
density from the impact pressure measurements.  
 
Figure 4. 7: Variation of kobs with DME concentration obtained 133 ± 10 K and a total gas 
density of (1.3 ± 0.3) × 1017 molecule cm-3 using N2 bath gas, together with a weighted 
linear least squares fit of E4.3 to the data, the gradient of which yields the bimolecular rate 
coefficient, k4.2= (2.8 ± 0.6) × 10-12 molecule-1 cm3 s-1. The green dashed lines represent the 
upper and lower 95 % confidence limits. The overall error in the bimolecular rate coefficient 
is the 95% confidence limits propagated with the error in the determination of the total 




Figure 4. 8: Temperature dependence of k4.1, the OH + acetone rate coefficient from this 
work and other studies.6,10,26,33   
 
 
Figure 4. 9: Temperature dependence of k4.2, the OH + DME rate coefficient from this work 
and other studies.4,12,13,26,34,35  
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The rate coefficients measured in this work for both reactions show a clear 
negative temperature dependence below 200 K, in concurrence with the 
previous measurements reported by Shannon et al. over a smaller 
temperature range and at a single pressure.17 Two mechanisms have been 
considered to rationalize the significant turnaround in both rate coefficients 
below 200 K.  
As for the reactions of OH with alcohols discussed in Chapter 3, the PES of 
OH + acetone and DME also feature a weakly bound complex prior to the 
overall barrier to reaction (Figure 4. 3) with binding energies of ~ 6.1-16.7 
and 29.4 kJ mol-1 respectively.4,8,9,26,33 Wallington and Kurylo attributed the 
non-Arrhenius behaviour for the OH + acetone rate coefficient below room 
temperature to be indicative of the third-body stabilization of the OH-acetone 
complex into the pre-barrier well. 21 As discussed in Chapter 3, this 
mechanism would manifest itself experimentally by the linear dependence of 
the rate coefficient on pressure. However, no previous measurements have 
explored the pressure dependence of the rate coefficient in the non-
Arrhenius temperature regime.  The second mechanism, as suggested by 
Caralp et al., attributes the turnaround to quantum tunnelling through the 
barrier to H-abstraction.20 Experimentally, the presence of this channel in the 
non-Arrhenius temperature regime can be explored by studies, detection 
directly or indirectly of the products of the reaction, or by evidence of a non-
zero intercept in a plot of rate coefficient versus  pressure. No such previous 
investigations have been reported.  
Rate coefficients for OH + acetone were measured over 5 densities from 79-
83 K and over 5 densities from 133 to 148 K. At both temperatures, from the 
dependence of the rate coefficient on density it is evident that the collisional 
stabilization mechanism proposed by Wallington and Kurylo is operating as 
shown in Figure 4. 10.21 
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Figure 4. 10: (a) Pressure dependence of k4.1, the OH + acetone rate coefficient at ~ 80 K 
(N2 bath gas, red open circles) and 133-148 K (N2 bath gas, black open triangles). The error 
bars are the result of propagation of the 95 % confidence limits in the bimolecular rate 
coefficients with the errors in the expansion densities. (b) Enlarged segment showing the 
pressure dependence of the rate coefficient of the 133-148 K (N2 bath gas, black open 




At the lower temperature and higher total gas densities, the rate coefficient 
appears to plateau with increasing pressure, indicating that the rate 
coefficient is approaching the high pressure limit. At 133-148 K, the rate 
coefficient appears to be less dependent on pressure – however, it must be 
noted that these rate coefficients have large errors associated with them due 
to the rate coefficients approaching the detection limit for the Laval 
apparatus (around 1 x 10-12 molecule-1 cm3 s-1, see Chapter 2 for further 
explanation). The kinetic time available from the jet produced by the 133-148 
K nozzle (~ 100 us) was significantly shorter than for the 80 K nozzle ( ~ 250 
us), and to maintain the stable expansion it is not possible to compensate for 
this by adding higher concentrations of the co-reagent (see Chapter 2) and 
so it is more challenging to measure lower rate coefficients. It was also not 
possible to obtain a rate coefficient at a lower density as the rate coefficient 
was too slow to measure in the kinetic time available. Nevertheless, the 133-
148 K data indicate that the complex lifetime is reduced compared to at 80 K 
so that collisional stabilization less able to compete with the redissociation of 
the complex. There is a modest increase in the rate coefficient with 
pressure, which indicates that there is some stabilization of the complex into 
the well, however, there may also be some contribution from a pressure 
independent channel, such as tunnelling through the H-abstraction barrier. 
The observed dependence on pressure at 80 K does not preclude some 
minor contribution of the tunnelling mechanism to the overall rate coefficient. 
The probability of tunnelling is inversely proportional to the mass of the 
tunnelling atom (see Chapter 1) and if tunnelling were occurring in this 
reaction, the rate coefficient would be expected to decrease if the abstracted 
hydrogen atom were replaced by a deuterium atom. To assess the potential 
contribution of the bimolecular channel, rate coefficients for the reaction of 
OD with acetone-d6 (R4.3) were measured at 93 and 146 K. !" + !!!!(!)!!! !!!!.!!! !"#$%&'(      R4.3  
This reaction was chosen in preference of the reaction of OH with acetone-
d6 as acetone-d6 acts as the reagent and additionally, an OD source 
following 248 nm photolysis in the presence of O2.  
An example of a pseudo first order decay trace of OD in the presence of 
acetone-d6 is shown in Figure 4. 11 and the resultant bimolecular plot is 
shown in Figure 4. 12. 
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Figure 4. 11: Pseudo first order LIF trace of OD together with the non linear least squares fit 
of E4.1 to the data from the 248 nm photolysis of CD3C(O)CD3 (1.52 × 1015 molecule cm-3) 
in the presence of oxygen at 145 ± 15 K and a total gas density of (2.6 ± 0.4) × 1017 
molecule cm-3 using N2 bath gas. The least squares fit of E4.1 to the data yields a pseudo 
first order rate coefficient of 10577 ± 277 s-1. 
 
Figure 4. 12: Variation of kobs with acetone-d6 concentration obtained at 146 ± 15 K and a 
total gas density of (2.6 ± 0.4) × 1017 molecule cm-3 using N2 bath gas, together with a 
weighted linear least squares fit of E4.3 to the data, the gradient of which yields the 
bimolecular rate coefficient, k4.3= (1.6 ± 0.5) × 10-12 molecule-1 cm3 s-1 .The green dashed 
lines represent the upper and lower 95 % confidence limits. The overall error in the 
bimolecular rate coefficient is the 95% confidence limits propagated with the error in the 
determination of the total density from the impact pressure measurements.  
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If there was a significant contribution from tunnelling, then the rate coefficient 
of k4.3 would be notably reduced compared to k4.1,  as the probability 
tunnelling is dependent on mass, with the probability decreasing for higher 
mass particles.22,23 However, the rate coefficients obtained for k4.3 are 
supportive of the pressure dependence data and indicate that tunnelling 
does not play a large role between 93-146 K in the OH + acetone reaction.  
At 93 K, the measured rate coefficients for the deuterated and undeuterated 
systems are found to be within error of each other. At 146 K, k4.1 is around a 
factor of two slower than k4.3, however these rate coefficients are subject to 
much larger uncertainties than at 93 K owing to the rate coefficients being 
almost the limit of what can be measured in the limited time window of the 
pulsed Laval nozzle apparatus.  
 
 
Figure 4. 13: Pressure dependence of k4.2, the OH + DME rate coefficient at 79-83 K (N2 
bath gas, red open circles) and 133-138 K (N2 bath gas, black open triangles).  
For the reaction of OH with DME, rate coefficients were measured at four 
densities between 79 – 83 K and at two densities between 133-138 K. At the 
lower temperature, the rate coefficient demonstrates an approximately  
linear dependence on pressure indicating the role of collisional stabilization. 
As seen for the reaction of OH with acetone, at the higher temperature the 
rate coefficient for OH + DME appears to be much less dependent on 
pressure, however only 2 data points are available and so few conclusions 
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can be drawn from this. The presence of the intercept of the 79-83 K 
pressure dependence plot of Figure 4. 13 indicates that the zero pressure 
rate coefficient may be non-zero and so there may be a contribution from the 
tunnelling channel.  
To provide evidence for the contribution from the bimolecular channel, the 
products of the OH + DME reaction can be probed indirectly by monitoring of 
OH LIF signal following addition of oxygen.  
 !" + !!!!"!! → !!! + !!!!"!!     R4.2a  !! + !!!!"!! → !!!!"!!!!∗      R4.6  ! + !"!!"!!!!∗ → !"!!"!!!! +!     R4.7  !"!!"!!!!∗ → !" + 2!!!"      R4.8 
 
OH regeneration has been observed in many hydroxyl radical reactions in 
the presence of O2 and is of relevance to both atmospheric and combustion 
environments.36-38 Provided that the experiments are performed in the 
presence of significant oxygen so that k4.2 is the rate determining step, then 
the absolute OH yield (α) can de determined by the ratio of k4.6 in the 
presence and absence of oxygen.  
 !!"# = !!.! !!!!"!! + !!"##      E4.4 !!"#(!!) = !!.! !!!!"!! + !!"## !(1− !)     E4.5 ∝= 1− !!"#(!!)!!"#          E4.6 
 
Experiments by Shannon were carried out on this reaction at 93 K and O2 as 
20 % of the total density.  
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Figure 4. 14:Bimolecular plot showing the variation of pseudo first order rate coefficients for 
the reaction of OH with DME in the absence (red triangles) and presence (black circles) of 
3.5 × 1015 molecule cm-3  oxygen. Data obtained by, and reproduced with permission of Dr 
Robin Shannon. The blue full lines are the weighted fit to the data of E4.3, and the green 
dashed lines represent the upper and lower 95 % confidence limits. The overall error in the 
bimolecular rate coefficient is the 95% confidence limits propagated with the error in the 
determination of the total density from the impact pressure measurements. 
Examination of Figure 4. 14 shows that in the presence of oxygen, k4.2 is 
notably reduced, providing clear evidence that OH recycling, and therefore, 
the bimolecular channel of k4.2 is operating at 93 K. Using the rate 
coefficients obtained from the bimolecular plots in Figure 4. 14, α, the OH 
yield is calculated as 0.53 . This corresponds to the branching ratio of R4.2 
to the bimolecular channel of around 53 %. However, there is likely to be 
some loss of CH3OCH2O2* via third body stabilization, and so the branching 
ratio obtained from the OH yield is only a lower limit. Using the lower limit of 
0.53, the zero-pressure limiting rate coefficient can be obtained by 
multiplication of this value by k4.2(no O2). This value is shown later in Figure 4. 
18 along with the direct pressure dependence measurements of the rate 
coefficient. It can be seen that this lower limiting value fits the trend of the 
experimental data well and is consistent with a significant contribution from 
quantum mechanical tunnelling.  
Master equation calculations performed by Shannon on these systems were 
used to further interpret the experimental data and explore the temperature 
and pressure dependencies further. For the OH + acetone reaction, the 
 123 
experimental data obtained in this work, and additional rate coefficients in 
the literature by Yamada et al. and Gierczak et al. from 200-800 K (13 data 
points in total with no more than 100 K between each) were used to fit the 
values for the barrier height, the well depth of the pre-reaction complex.10,33 
Good agreement for the barrier height is obtained between previous 
calculations performed at the CBS-QB3 and CCSD(T)/6-311G levels of 
theory and this work once the hindered rotor model was used to describe 
vibrational motions.8,20,33 The well depth was required to be much deeper 
than values reported in the literature from ab initio calculations to fit to the 
experimental temperature dependence data, whether a hindered rotor or 
harmonic oscillator model was used to describe the vibrational modes. It is 
expected that if a more rigorous method was used to describe, in particular, 
the low frequency bending modes of the pre-barrier complex, then this would 
correct the density of states so that the retrieved well depth was closer to the 
ab initio obtained values.26  
The values used by Shannon for the calculations are given alongside those 
used for the OH + DME work in Table 4. 2.  
 












3.6# 13.0# 6.1016.7# 0.6#
Well#depth#/#
kJ#mol01#












2.1×#10010# 1.9#×#10010# N/A# 5.0#×#10010#
*Value in brackets is the lowered well depth required to fit the low temperature experimental 
data in this work. 
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Figure 4. 15: Fitted temperature dependence for the rate coefficient for OH + acetone at 
zero pressure obtained from master equation calculations with hindered rotor treatment by 
Dr Robin Shannon using three different tunnelling treatments. Red solid line; Eckart method. 
Blue dot-dash line; WKB method. Black dash line; no tunnelling correction. The grey vertical 
lines are positioned at 80 K and 140 K to aid comparison with the experimentally obtained 
rate coefficients obtained at a range of pressures, and given in Error! Reference source not 
found.. 
Using the values obtained from fitting the experimental temperature 
dependence data, the zero-pressure rate coefficients were calculated using 
two models for tunnelling; Eckart and WKB. Good agreement across the 
temperature range between the experimental data the and theoretical 
calculations is achieved using the Eckart model with a fitted imaginary 
frequency of 1116 cm-1(Figure 4. 15). The WKB tunnelling model 
significantly underestimates the rate coefficients across the whole 
temperature range, in particular below 350 K. Only the experimental data 
above 200 K is shown in Figure 4. 15, owing to the low temperature rate 
coefficients obtained in this work being in the fall off regime, and the values 
shown being in the low pressure limit.  
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Figure 4. 16: (a) Pressure dependence of the OH + acetone rate coefficient at ~ 80 K (red 
open circles) and ~ 140 K (black open triangles) together with the master equation fits to the 
data at 80 K (red line) and 140 K (black line). The errors bars are the result of propagation 
of the 95 % confidence limits in the bimolecular rate coefficients with the errors in the 
expansion densities . (b) Enlarged section showing the MESMER calculated zero-pressure 
rate coefficients, which is the contribution of the bimolecular channel to the overall rate 
coefficients, which are calculated to be non-zero for both 80 K (red line) and 140 K (black 
line).(c) Enlarged section showing the experimentally obtained pressure dependence of the 
rate coefficient, which is over predicted by the MESMER calculations.    
Figure 4. 16 shows the master equation fits to the 80 K (red line) and 140 K 
(black line) pressure dependence data. At 80 K, the pressure dependence is 
well modelled by the master equation calculations, and inspection of the 
intercept (Figure 4. 16 (b)) shows a small but significant contribution from 
tunnelling (k = 2 × 10-12 molecule-1 cm3 s-1). The tunnelling only rate 
coefficient at 80 K, obtained from this intercept, is around 12 times faster 
than the reported bimolecular room temperature value and so this reaction 
may operate in low temperature, low density interstellar environments.  
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At 140 K, the rate coefficient across the whole pressure range is significantly 
overestimated as shown in Figure 4. 16, parts (a) and (c). Whilst the 
experimental data have large errors associated with them, the master 
equation obtained values are not within the experimental errors. It is 
suggested that this discrepancy could be due to the incorrect energy 
dependence of the density of states of the pre-reaction complex owing to 
insufficiently rigorous treatment of the low frequency vibrational modes, and 
consequently having to lower the well depth significantly.26 Alternatively, and 
more speculatively, this could be due to non-statistical behaviour at 140 K, 
where the complex is insufficiently long lived so that the ergodic assumption 
does not hold and internal vibrational relaxation cannot occur. The ergodicity 
assumption is key to statistical rate theory calculations, for example master 
equation methods, and so there would be deviation between experimentally 
and theoretically obtained rate coefficients.  
Master equation calculations across a large temperature range had been 
performed by Carr et al. on the reaction of OH + DME and so the optimized 
values from their work was used by Shannon in this study, with the 
exception of the well depth which had to be reduced by ~ 8 kJ mol-1 to 
replicate the low temperature experimental values. The optimized values 
obtained by Carr et al., along with the modified well depth used in this work, 
are given in Table 4. 2.4 
As can be observed from Figure 4. 17, the temperature dependence of the 
rate coefficient for OH + DME, k4.2, is well replicated by the master equation 
calculations, and the theoretically obtained zero pressure value at 91 K and 
the value obtained experimentally by the OH recycling experiment are within 
a factor of two. The smaller upturn in the rate coefficient for the OH + DME 
reaction in comparison to the OH + acetone rate coefficient at low 
temperatures may be rationalised by the relative lifetimes of the pre-barrier 
complexes. Acetone is a larger molecules than DME, and therefore, the 
density of states in the OH-acetone complex compared to reactants is larger 
than for the DME case.39 Therefore, formation of the OH-acetone complex 
will have a longer lifetime, and so collisional stabilisation and tunnelling have 





Figure 4. 17: Temperature dependence of the OH + DME rate coefficient, k4.2, at zero 
pressure (red line) plotted alongside the experimental data from the literature (open circles). 
The contribution from the zero pressure channel at 93 K (open square) is estimated from 
the OH recycling experiment performed by Dr Robin Shannon and is plotted here to aid 
comparison between theory and experiment at low temperatures. 
 
Figure 4. 18: Pressure dependence of the OH + DME rate coefficient with the master 
equation fit to the data (red line). Red open circles: 79-83 K N2 bath gas. Black open 
triangles: 133-138 K N2 bath gas. 
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The pressure dependence of the rate coefficients at 79-83 K was calculated 
using the fitted parameters shown in Table 4. 2, and very good agreement 
with the experimental values is obtained. At ~ 80 K, both the OH + acetone 
and OH + DME rate coefficients have contributions from the pressure 
independent, bimolecular channel. In the low pressures of interstellar 
environments, it is the bimolecular channel which would be operating, as the 
densities are insufficient for significant third-body stabilization to be 
operating. Considering only this bimolecular channel, the rate coefficients at 
~80 K for OH + acetone and OH + DME are a factor of 12 and 0.6 greater 
respectively compared to the room temperature values. Master equation 
calculations demonstrate that at 10 K, the pressure independent component 
of the OH + acetone rate coefficient is a factor of 100 greater than at room 
temperature.26 These reactions are currently not included in interstellar 
models despite acetone, DME and OH being detected in in a variety of 
interstellar environments, such as the Sagittarius molecular cloud (Sgr) 
where temperatures can reach as low as 40 K.16,40 These reactions could be 
a potential gas-phase route to the formation of more complex organic 
molecules in interstellar environments– the origins of which are not currently 
fully understood.  
 
4.5 Interstellar impact of the OH + acetone and OH + DME 
reactions 
The OH + acetone and OH + DME reactions have been included in a newly 
constructed astrochemical model by Dr Kinsuk Acharyya and Professor Eric 
Herbst of the University of Virginia as part of a collaboration to explore the 
potential effects of H-transfer reactions on astrochemical environments. The 
model, which included both gas phase and gas-grain reactions, has been 
described fully in Chapter 3 and so only a brief outline is given here.41  
A total of 670 gas phase reactions between 8620 gaseous species were 
included in the model, encompassing several reaction types such as neutral-
neutral, ion-neutral, dissociative recombination and photo-induced 
processes, amongst others. These reactions were taken largely from the 
KIDA database with some omissions and additions.42 The temperature 
dependence of the bimolecular neutral-neutral reactions was treated using a 
modified Arrhenius expression. Ion-neutral reactions were treated using 
either a Langevin or a Su-Chesnavich approach.43 Reactions on the surface 
of grains were assumed to occur via a Langmuir-Hinshelwood mechanism.  
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The initial elemental abundances of the model were chosen to be 
representative of cold interstellar clouds, with all elements in their atomic 
form, except for molecular hydrogen. The model was run in a pseudo time 
dependence mode, whereby the physical parameters were maintained 
throughout the run, and the molecular abundances monitored as a function 
of time. The model runs were performed at temperatures of 10, 50 and 100 
K. The experimentally obtained values at 79 (acetone) and 63 (DME) K were 
utilised for the 50 K model, the 82 and 93 K values were utilised for the 100 
K model, and the 10 K values were an extrapolation of the current data set.  
It must be noted that these values will be an upper limit to the true values as 
they contain a contribution from the pressure dependence channel. 
Therefore, there values will subject to error and to obtain more accurate 
representation of the impact of these reactions, the values obtained from the 
master equation calculations should be utilised. The values utilised are 
presented in Table 4. 3. 
Table 4. 3: Rate coefficients utilised in the model constructed by Dr Kinsuk Acharyya and 
Professor Eric Herbst.41 
Reaction# Rate#coefficient#utilised#/#10010#molecule01#cm3#s01#
10#K# 50#K# 100#K#
OH#+#acetone# 1.0# 1.0# 0.37#
OH#+#DME# 0.30# 0.17# 0.077#
 
The model demonstrated that the reactions have a negligible impact on the 
acetone and DME concentrations at all temperatures, with a maximum 
change in DME concentration of around a factor of two between 105 and 106 
years. These reactions were included in the model alongside the alcohol 
reactions (discussed in Chapter 3) and it was found that any effects on water 
and hydroxyl radical concentrations were largely dominated by the OH + 
methanol reaction, owing both to methanol being more abundant and the low 
temperature rate coefficient being significantly faster.41 
 
4.6 Summary 
This work has further probed the role of a pre-barrier complex in the low 
temperature kinetic behaviour of hydrogen abstraction reactions involving 
hydroxyl radicals. In collaboration with Dr Robin Shannon, the rate 
coefficients of two such reactions, OH + acetone and OH + DME, have been 
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measured below 200 K for the first time and the mechanisms investigated 
through pressure dependence studies and deuterated analogues.26  
The low temperature mechanism determined for the OH + alcohol reactions 
reported in Chapter 3 is also observed for these reactions. A weakly bound 
complex between the OH and co-reactant is formed prior to the overall 
barrier to hydrogen abstraction. The extended lifetime of this complex at 
lower temperatures enhances the probability of quantum mechanical 
tunnelling through the reaction barrier to form molecular products, but also 
leads to a competitive collisional stabilisation channel. The contribution of 
the two channels has been investigated through pressure dependence  
studies and additionally, master equation calculations by Shannon using 
MESMER.29 At ~140 K, the contribution of the tunnelling mechanism to the 
overall rate coefficient for the acetone reaction is found to be negligible, with 
collisional stabilisation into the pre-barrier well dominating. At ~ 80 K, the 
contribution is greater and master equation calculations demonstrate that at 
10 K, the pressure-independent component of the rate coefficient will be 
~100 times greater than the room temperature value.26 
The rate coefficient for OH + DME was found to be less dramatically 
enhanced at lower temperatures, although an enhancement in the rate 
coefficient, now characteristic of these type of reactions, was observed. At 
~140 K, there was no observable pressure dependence of the rate 
coefficient over the experimental range, however it should be noted that the 
errors in the rate coefficients at this temperature were larger owing to the 
difficulty in measuring relatively slow rate coefficients in a Laval apparatus. 
At  ~ 80 K, a notable pressure dependence of the rate coefficient is 
observed. However master equation calculations and indirect product 
detection by Shannon demonstrate a significant contribution from the 
pressure-independent channel. 
Acetone, DME and the hydroxyl radical have all been detected in 
astrochemical environments such as the cold Sagittarius B2 molecular 
cloud, and the reactions reported in this chapter may act as the initial steps 
to the formation of more complex species. The OH + acetone and OH + 
DME reactions have been included in an astrochemical model constructed 
by Dr Kinsuk Acharyya and Professor Eric Herbst of the University of 
Virginia, and the results have been published in a co-authored manuscript 
with the Leeds pulsed Laval nozzle group.41 Overall the findings of the model 
demonstrated that the reactions had only a small effect on the fractional 
abundances of DME and acetone as the low temperature rate coefficients 
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were not sufficiently fast to compete with the production processes. 
However, this collaboration will hopefully provide motivation for the inclusion 
of a wider range of reaction types within astrochemical models, and also for 
the further low temperature study of H-abstraction reactions where quantum 
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Chapter 5. The reaction of OH with ammonia at low 
temperatures: Rapid bimolecular product formation via a 
very weakly bound complex 
 
5.1 Background and previous work on the OH + ammonia 
reaction 
The enhanced rate coefficients of the hydroxyl radical reactions discussed 
thus far in this thesis have depended on the formation of a relatively weakly 
bound complex between OH and its co-reactant.1-3 A common mechanism 
operating below 200 K in several hydrogen abstraction reactions between 
OH and oxygenated volatile organic compounds has been identified. At 
lower temperatures (< 200 K), the complex has an extended lifetime, which 
enhances the probability of tunnelling through the hydrogen-abstraction 
barrier to form bimolecular products.1-3 As a result, the rate coefficient for 
these reactions are enhanced by up to a factor of 56 between room 
temperature and 54 K.2 Ab initio stationary point calculations for these 
reactions indicate that the binding energies of these complexes range from 
18 to 27 kJ mol-1.3-6 Given the crucial role of the complex in the 
enhancement of the rate coefficients at low temperatures, how weakly bound 
can these complexes be for this mechanism to still be operative?  
The reaction of OH with ammonia (R5.1) proceeds via a significant barrier to 
hydrogen abstraction, as shown in Figure 5. 1, leading to the formation of 
NH2 and water (R5.1a). !" + !!! !!!!!.!!!! !"#$%&'(        R5.1 !" + !!! → !!! + !!0        R5.1a 
Prior to this barrier there is a very weakly bound complex between the 
reactants with a binding energy of only 7.5 kJ mol-1, according to the 
calculations of Monge-Palacios et al. at the CCSD(T)/full/aug-cc-
PVTZ//CCSD(T)/FC/pVTZ level and as shown in Figure 5. 1.7 The stationary 
point energies are also in reasonable agreement with those obtained by 
Corchado et al. at the QCISD(T)/MP2/aug-cc-pVDZ level of theory and by 





Figure 5. 1: To-scale potential energy surface for the OH + ammonia reaction based on 
calculations by Monge-Palacios et al. at the CCSD(T)/full/aug-cc-PVTZ//CCSD(T)/FC/pVTZ 
level of theory.7 
The reaction of OH with ammonia is of interest to atmospheric chemistry as 
a source of amidogen radicals (NH2), which are believed to have an impact 
on NOx chemistry.10,11 This reaction is also of relevance to combustion 
systems, as it is important for the conversion of fuel nitrogen to NOx, and 
additionally, the denitrification of flue gas.12 Several experimental studies are 
present in the literature, and as shown in Figure 5. 2, the rate coefficient has 
been shown to exhibit a positive temperature dependence and is relatively 
slow at room temperature (~ 1.4 ×10-13 molecule-1 cm3 s-1), corresponding to 
the reaction proceeding via the significant barrier to hydrogen abstraction.10-
13 At lower temperatures (down to 273 K), there is notable deviation from 
Arrhenius type behaviour - suggesting that tunnelling may be operative. This 
suggestion is supported by theoretical work by Corchado et al., who 
demonstrated, using canonical transition state theory, that the 
experimentally determined rate coefficients could only be replicated when 
multi-dimensional tunnelling through the H-abstraction barrier was included.8 
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Figure 5. 2: Temperature dependence of the OH + ammonia rate coefficient as reported in 
the literature.10-13 
The reaction of OH and ammonia has not previously been studied below 273 
K, however it may be of importance to low temperature environments. 
Ammonia and the hydroxyl radical are almost ubiquitous in interstellar 
space, having been detected in many star forming regions, molecular clouds 
and hot and cold cores. Ammonia was first observed in 1968 by Cheung et 
al. in the Sagittarius B2 molecular cloud, where OH has also been detected 
and temperatures can reach as low as 40 K.14,15 Additionally, both OH and 
ammonia have been detected towards W3(OH) (a post-star forming region), 
where the temperature reaches as low as 10 K with abundances relative to 
H2 on the orders of 10-7 and 10-8  respectively, and also in the molecular 
cloud TMC-1, with column densities of ~ 1015 cm-2 for both species and a 
temperature of 10 K.16-19 The reaction of ammonia with OH leads to the 
formation of water vapour and also NH2 (R5.1a), a species which has also 
been detected in interstellar regions, and is postulated to be an important 
species in the production of interstellar glycine.20,21 Interestingly, the first 
interstellar observation of NH2 was in the Sagittarius B2 molecular cloud.22 
A preliminary study of the OH + ammonia reaction was previously carried out 
at 79 K by Dr Robin Shannon using this apparatus.9 However, Shannon 
identified a catalytic effect on the rate coefficient when using (CH3)3COOH 
as the hydroxyl radical precursor.9 Through the experimental observations 
and ab initio calculations, it was found that the (CH3)3COOH precursor 
formed a complex with ammonia that reacted more rapidly with OH than the 
ammonia itself, and so the experimental study of the OH + ammonia rate 
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coefficient was limited. Preliminary ab initio / master equation calculations at 
the ROHF-UCCSD(t)/aug-cc-pVDZ//ROHF-UCCSD(t)/aug-cc-pVTZ level 
also by Shannon on the OH + ammonia reaction were in reasonably good 
agreement with the previous higher temperature experimental data.9 When 
the Eckart model of tunnelling was used in combination with the calculated 
imaginary frequency of 1610 cm-1, a notable upturn in the rate coefficient 
was predicted below 200 K, with a calculated rate coefficient of ~ 5 × 10-12 
molecule-1 cm3 s-1 at 50 K.9    
Given the ubiquity and abundance of OH and ammonia in interstellar 
environments, if the reaction rate coefficient is large as predicted by the 
master equation calculations of Shannon, this reaction could be a significant 
sink of both species, and also a potential source of interstellar NH2 and 
water vapour which is currently not accounted for in interstellar models.9 The 
first detailed study of this reaction below 273 K is reported here. The rate 
coefficient for the OH + ammonia reaction has been investigated at ~ 54 K 
and ~ 89 K in this work over a small pressure range using an alternative OH 
precursor to that utilised by Shannon. Ab initio and master equation 
calculations have been performed by Dr Arne Bunkan (University of Leeds / 
University of Oslo) and are compared with the experimental low temperature 
rate coefficients obtained in this work. In collaboration with Professor Eric 
Herbst and Dr Kinsuk Acharyya (University of Virginia), the experimental rate 
coefficients obtained in this work have been incorporated into a new 
astrochemical gas-grain model to assess the impact of the low temperature 
OH + ammonia reaction.  
 
5.2 Experimental procedure  
The experiments were carried out as described in detail in Chapter 2, but 
further details are give here.  
The vapour pressure of ammonia (BOC, 99.8 %) was admitted to an 
evacuated cylinder and diluted with nitrogen (BOC, OFN) or argon (99.98 % 
, BOC). The concentration of ammonia in the cylinders was ascertained from 
pressure measurements. The cylinder was allowed to mix overnight before 
use. OH was generated chemically from the reaction of ammonia with O(1D), 
produced following 248 nm photolysis of ozone. Ozone was generated by 
the electrical discharge of O2 (BOC 99.999 %) and was subsequently 
admitted to an evacuated cylinder where it was diluted with the bath gas 
(argon or nitrogen as before).  
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The ammonia, ozone and bath gas were flowed through a set of calibrated 
mass flow controllers into the pre-expansion reservoir via a ballast tank 
where the gases were allowed to mix. The gas mixture was expanded 
through the Laval nozzle via two pulsed solenoid valves in pulses of a fixed 
duration between ~10-20 ms, into the low pressure stainless steel chamber.  
The rate coefficient for OH + ammonia was measured by temporal 
monitoring of the hydroxyl radical via PLP-LIF. The resultant jet formed from 
expansion through the Laval nozzle was irradiated along the jet axis by a 
248 nm excimer laser, leading to the formation of O(1D) from the photolysis 
of ozone. The O(1D) then reacted with ammonia forming OH in vibrational 
states up to v=2, as demonstrated by Silvente et al.,23 producing OH and 
NH2 with a total branching fraction of 0.9, as demonstrated by Wang et al. 
and Shu et al. 24,25 !! + ℎ!(248!!") → !(!!)+ !!      P5.1 !(!!)+ !!! → !"(! ≥ 0)+ !!!   ɸ=0.9   R5.2 
Experiments were performed under pseudo first order conditions so that 
[NH3] >> [OH]. The growth and subsequent decay of OH was monitored by 
off-resonance LIF by probing the A2Σ+←X2Πi (1,0) Q1(1.5) transition at ~ 282 
nm. The off-resonance fluorescence was monitored by a PMT fitted with a 
308 nm interference filter (Barr Associates λmax = 308.5 nm, FWHM = 5 nm).  
The reaction scheme for the formation and removal of OH comprises 
reactions P5.1, R5.1 and R5.2. For pseudo first order conditions [NH3] >> 
[OH] the temporal evolution of OH is given by : [!"]! = !!"#!!"#!!!"# [!"∗]! !!!!!"#! − !!!!"#! +[!"]!!!!!"#!  E5.1 
and !!"# = !!.! !!! + !!"##!        E5.2 
where kobs is the pseudo first order rate coefficient, k’rel is the pseudo first 
order rate coefficient for relaxation from the rovibrationally excited states of 
OH formed in R5.2 into the laser probed level, OH, and kloss is the rate 
coefficient for the loss of OH out of the detection region via diffusion and 
other loss processes. The derivation of E5.1 is given in Appendix C.  
It is anticipated that vibrational relaxation of OH from the v>0 states 
produced from R5.2 may be rapid, in part due to the potential formation of an 
complex between OH and ammonia at low temperatures, which enhances 
IVR.23 Additionally, resonance effects due to the vibrational frequencies of 
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OH and NH3 being similar in magnitude (3746 and 3598 cm-1 respectively 
according to the calculations of Monge-Palacios et al.7) will also enhance 
VET, and resonance enhanced VET has a negative temperature 
dependence.26 Furthermore, rapid VET has been observed for OH in the 
presence of ammonia at room temperature by Silvente et al., by monitoring 
the vibrationally excited states of OH using LIF spectroscopy.23  
Given the exothermicity of R5.2 (170 kJ mol-1 according to calculations by 
Wang et al.24) and that OH is formed in vibrationally excited states, it is likely 
that OH will also be formed in rotationally hot states. Rotational energy 
transfer (RET) is much more efficient with N2 bath gas than Ar bath gas, and 
additionally becomes less efficient with decreasing temperature.26,27 
Therefore, at 54 K using Ar bath gas, rotational relaxation will be notably 
slower than at 89 K with an N2 bath gas, and the early time growth on the 
OH LIF traces obtained at 54 K will be more pronounced. In the latter case 
where RET is on a timescale fast in comparison to the subsequent loss of 
OH, E5.1 can be fitted to the data. However, where RET and VET are on a 
comparable timescale to the loss, it is not possible to fit E5.1 to the data as 
the two processes are convoluted. Instead the data can be fitted with a 
single exponential decay expression at longer delay times (from ~ 70-100 µs 
onwards) to obtain the loss component (E5.3).  [!"]! = [!"]!!!!!"#!       E5.3 
and !!"# = !!.! !!! + !!"##!        E5.2 
 
5.3 Results and discussion  
5.3.1 OH loss experiments  
Examples of the temporal evolution of the OH LIF signal following 248 nm 
photolysis of ozone in the presence of ammonia are shown in Figure 5. 3 
and Figure 5. 4, together with non-linear least squares fits of E5.3 and E5.1, 
respectively, to the data yielding kobs. 
Experiments were repeated for a variety of concentrations of ammonia and 
Figures 5 and 6 show the variation of kobs with [ammonia], the gradients of 
which yield the bimolecular rate coefficients at 53 K and 89 K respectively.  
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Figure 5. 3: Pseudo first order LIF trace of OH together with the non-linear least squares fit 
of E5.3 to the data from the 248 nm photolysis of ozone in the presence of ammonia (1.17 × 
1015 molecule cm-3) at 53 ± 9 K. The least squares fit of E5.3 to the data yields a pseudo 
first order rate coefficient of 18061 ± 500 s-1.  
 
Figure 5. 4: Pseudo first order LIF trace of OH together with the non-linear least squares fit 
of E5.1 to the data from the 248 nm photolysis of ozone in the presence of ammonia (1.02 × 
1015 molecule cm-3) at 89 ± 4 K. The least squares fit of E5.1 to the data yields a pseudo 
first order rate coefficient of 4564 ± 155 s-1.  
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Figure 5. 5: Variation of kobs with ammonia concentration obtained at 56 ± 4 K and a density 
of (4.4 ± 0.5) ×!1016 molecule cm-3, together with a weighted linear least squares fit of E5.2 
to the data, the gradient of which yields the bimolecular rate coefficient, k5.1 = (1.4 ± 0.2) ×!
10$11 molecule-1 cm3 s-1.  The green dashed lines represent the upper and lower 95 % 
confidence limits. The overall error in the bimolecular rate coefficient is the 95% confidence 
limits propagated with the error in the determination of the total density from the impact 
pressure measurements.  
 
Figure 5. 6: Variation of kobs with ammonia concentration obtained at 89 ± 4 K and a density 
of (1.1 ± 0.1) ×!1017 molecule cm-3, together with a weighted linear least squares fit of E5.2 
to the data, the gradient of which yields the bimolecular rate coefficient, k5.1= (3.6 ± 0.4) ×!
10$12 molecule-1 cm3 s-1. The green dashed lines represent the upper and lower 95 % 
confidence limits. The overall error in the bimolecular rate coefficient is the 95% confidence 
limits propagated with the error in the determination of the total density from the impact 
pressure measurements.  
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The rate coefficients obtained in this study are summarized in Table 1, and 
the temperature dependence of k5.1  is shown in Figure 5. 7.  
 
Figure 5. 7: Temperature dependence of k5.1, the OH + ammonia rate coefficient from this 
work and other studies.10-13  
 
Table 5. 1: Measured rate coefficients of the OH + ammonia reaction obtained in this study, 
together with the temperatures and total gas densities of the flows generated by the pulsed 
Laval nozzles. Errors have been calculated by the propagation of the 95 % confidence limits 






56!±!4! Ar! 4.4!±!0.5! 1.4!±!0.2!
54!±!6! Ar! 8.0!±!1.4! 1.3!±!0.2!
53!±!9! Ar! 15!±!4! 1.6!±!0.4!
90!±!6! N2! 4.1!±!0.6! 0.37!±!0.09!
88!±!4! N2! 7.4!±!0.8! 0.28!±!0.04!
89!±!4! N2! 11!±!1! 0.36!±!0.04!!
 
The rate coefficient for the reaction of OH with ammonia was found to be 
around two orders of magnitude faster at 54 K than at room temperature. At 
89 K, the rate coefficient is around a factor of 25 faster than at room 
temperature. This dramatic turnaround in the rate coefficient has not been 
observed previously for a reaction with such a weakly bound complex. The 
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preliminary master equation work by Shannon and canonical transition state 
theory calculations by Corchado et al. indicated the significant role of 
tunnelling to the rate coefficient below room temperature.8,9 The relative 
contributions of tunnelling and stabilisation of the complex was investigated 
by pressure dependence studies at both 54 K and 89 K at a total of six 
pressures ranging from  (4-15) ×!1016 molecule cm-3. Figure 5. 8 shows the 
pressure dependence of the rate coefficient for OH + ammonia, obtained in 
this study.  
 
Figure 5. 8: Pressure dependence of k5.1, the OH + ammonia rate coefficient at ~ 54 K 
(black open triangles) and ~ 89 K (red open circles). The error bars are the result of the 
propagation of the 95 % confidence limits in the bimolecular rate coefficients with the errors 
in the expansion densities. 
There is clearly no dependence on pressure indicating that the only 
operative channel is the channel leading to bimolecular products. This result 
is consistent with the low binding energy of the complex and relatively high 
imaginary frequency of the H-abstraction barrier,  which together would be 
expected to result in negligible stabilisation compared to tunnelling.  
Due to the shallowness of the well, it is highly unlikely that the rate 
coefficient is at its high pressure limit under the experimental conditions. 
This has been further confirmed by measurement of the rate coefficient for 
OH (v=1) + NH3 via LIF spectroscopy of OH (v=1) using the proxy method. 
The details of this method and results are discussed in Chapter 7.  
Due to the catalytic effect of (CH3)3COOH on the rate coefficient previously 
observed by Shannon, pseudo first order rate coefficients were obtained at a 
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range of ozone concentrations to ensure that the OH precursor was not 
interacting with the ammonia.9   
 
Figure 5. 9: Pseudo first order loss rate coefficients for the loss of OH in the presence of 
ammonia as a function of ozone (and oxygen) concentration. Pseudo first order rate 
coefficients obtained at 56 ± 4 K and a density of (4.4 ± 0.5) ×! 1016 molecule cm-3 and 
[ammonia] = 5.6 ×!1014 molecule cm-3.  
From examination of Figure 5. 9, it can be seen that that the pseudo first 
order rate coefficient is independent of precursor concentration, and 
therefore the measured bimolecular rate coefficient is due to reaction only of 
OH with ammonia. Note that the bimolecular plot is presented as a function 
of the sum of O2 and O3 concentrations as the exact ozone concentration 
(produced from the corona discharge of O2) was not known.  
 
5.3.2 NH2 detection experiments 
Given that the reaction of OH + ammonia can result in only one exothermic 
product channel, and the potential 100 % branching ratio to products at low 
temperatures from the pressure independence of the rate coefficient, 
detection of the NH2 product was attempted at 56 ± 4 K and a density of (4.4 
± 0.5 ) ×!1016 molecule cm-3.  
The NH2 radical was first observed via LIF spectroscopy by Halpern et al., 
who characterised the fluorescence emission spectrum following excitation 
at 597.72 nm to the Ã2A1(0,9,0) 303 level, as shown in Figure 5. 10.28  
 145 
 
Figure 5. 10: Fluorescence emission spectra of NH2 following laser excitation at 597.2 nm, 
corresponding to transitions from the Ã2A1(0,9,0) 303 level obtained by Halpern et al. at room 
temperature.28  
The work by Halpern et al. indicates that NH2 fluorescence can be observed 
following laser excitation at 597.72 nm.28 However, due the limited resolution 
of the literature spectra, to obtain the optimum line position an NH2 LIF 
spectrum was firstly generated from 193 nm photolysis of NH3. The 193 nm 
excimer laser (fired at a pulse repetition rate of 5 Hz with a pulse energy of 
7-8 mJ) was aligned perpendicular to the axis of the expanded gas flow and 
parallel to the probe laser. The probe laser (Nd:YAG pumped dye laser) was 
tuned to a wavelength approximately coincident with the Ã2A1(0,9,0)← X̃2B1 
(0,0,0) NH2 transition.29 The delay time between the photolysis and probe 
lasers was set to 7 µs and the LIF spectrum was recorded between 596.500 
and 598.000 nm at increments of 0.003 nm with 2 laser shots per point. The 
off-resonance fluorescence was collected by a PMT fitted with a Perspex 
and a Thorlabs filter which transmits between 603-618 nm. Additionally, a 
monochromator (Applied Photophysics f/3.4 model)! was mounted between 
the filter and the PMT to further reduce scatter. The wavelength of the 
monochromator was calibrated using 3 wavelengths of the dye laser, the 
HeNe laser and the maximum transmission from the off resonance 
fluorescence of OH at ~ 308 nm following 282 nm excitation. For these 
experiments the monochromator transmission wavelength was set to 611 
nm with a slit-width of 3.3 nm, as initial tests demonstrated this yielded a 
favourable signal-to-noise ratio. The obtained LIF spectrum is shown in 
Figure 5. 11 and the maximum line position obtained was in good agreement 
with that reported by Halpern et al.28 A wavemeter was utilised in this work to 
calibrate the wavelengths of the probe laser.  
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Figure 5. 11: Rotationally resolved excitation LIF spectrum of NH2 , with points smoothed by 
the adjacent averaging of 5 points, formed from 193 nm photolysis of NH3 together with the 
maximum line position obtained by Halpern et al.(grey shaded area indicating FWHM line 
width of the laser) .28 
 
Figure 5. 12: Excitation LIF spectrum of NH2 formed from in the reaction with points 
(smoothed by the adjacent averaging of 5 points to reduce noise) obtained at a probe delay 
time of 70 µs overlaid with the NH2 LIF spectrum obtained by 193 nm photolysis of NH3. 
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A LIF spectrum of NH2 from E5.1a was obtained at a delay time of 70 µs and 
is shown in Figure 5. 12, together with the spectrum obtained from the 193 
nm photolysis of NH3 to aid comparison. The ratios of the signal heights for 
the three observed peaks (assigned in Figure 5. 12) are in good agreement 
with the values reported by Dressler and Ramsay.30 From the observation of 
NH2 via LIF at a fixed laser delay time, it is not conclusive that the observed 
NH2 is from the OH + ammonia reaction. The method of generation of OH 
utilises the internal reaction of O(1D) + ammonia, leading to an initial 
formation of NH2, with a branching fraction of 0.9 according to theoretical 
work by Wang et al. and experimental work by Shu et al.24,25 To confirm the 
presence of the bimolecular product channel at low temperatures, NH2 
needs to be detected temporally so that the two formation pathways can be 
deconvoluted.  
Kinetic traces of NH2 following the production of OH in the presence of 
ammonia were obtained in the same way as described in section 5.2, and 
NH2 was monitored by LIF via the 303-313  rotational transition of the 
Ã2A1(0,9,0)← X̃2B1 (0,0,0) vibronic band, as assigned in the wavelength scan 
shown in Figure 5. 12. Back to back traces were recorded of NH2 temporal 
LIF profiles up to relatively short (60 µs) and relatively long (250 µs) delay 
times. The traces contained 150 and 250 data points respectively, each 
averaged 24 times. An example of the data obtained at short and long time 
delays at a given ammonia concentration is shown in Figure 5. 13. The 
former trace was used to obtain information regarding the two formation 
pathways for NH2. The latter was used to obtain the loss rate coefficient for 
NH2 due to reaction and diffusion out of the detection region.  Due to the 
convoluted nature of the traces, it was necessary to fit all of the recorded 
traces together using global analysis. Global analysis is where the values of 
the parameters of the fitting equation are optimised by fitting all of the 




Figure 5. 13: LIF traces of NH2 obtained at delay times out to 60 µs (black open circles) and 
250 µs (red open triangles) from the 248 nm photolysis of ozone in the presence of 
ammonia (2.19 × 1015 molecule cm-3) at 53 ± 9 K and a total gas density of (1.5 ± 0.4) × 1017 
molecule cm-3. 
 
Twelve long time delay traces out to 250 µs were fitted globally from 76 µs 
onwards with a single exponential loss function (E5.4) to obtain a pseudo 
first order loss rate coefficient for NH2, which was found to yield kloss = 2062 ± 
57 s-1. This value was utilised in the global fitting of the short delay time data 
to obtain three parameters. The short delay time data only was used to 
obtain these parameters (as opposed to including the long delay time data 
also) as the long delay time data does not have sufficient data points at short 
times to describe the two growth processes.  !
  [!!!]! = [!!!]!!!!!"##!       E5.4 
 
Nine short delay time NH2 traces were fitted with E5.5 (derivation given in 
Appendix C).  !!! ! = !![!(!!)]!!!!!!"##!!! ! !!!!!"##!!! !!!!!"##!!! !!!!! − !!!!"##! +! ! !!!!!!"## ! − !!!!"##! !! E5.5 
where O(1D)0 is the signal height from R5.2 and 
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!! = !!.! !!!          E5.6 !! = !!.![!!!]         E5.7 
The traces were obtained with ammonia concentrations ranging from 3.3 × 
1014 - 2.2 × 1015 molecule cm-3. An example of an NH2 short delay time LIF 
trace fitted with E5.5 is shown in Figure 5. 14. 
 
 
Figure 5. 14: LIF trace of NH2 together with the non linear least squares global fit of E5.5 to 
the data from the 248 nm photolysis of ozone in the presence of ammonia (2.19 × 1015 
molecule cm-3) at 53 ± 9 K and a total gas density of (1.5 ± 0.4) × 1017 molecule cm-3. 
 
The parameters used in the fits and details regarding how they were fitted 





Table 5. 2: Parameters used in the global fitting of the NH2 short delay time growth traces 
alongside the values obtained from the fits. Errors given are the 95 % confidence limits 
obtained from the fits.  




























*See E5.6 and E5.7.O(1D) + NH3 → H2O + f.NH2 
As NH2 is also produced from the O(1D) + NH3 reaction, the signal height of 
the initial, fast growth of NH2 can be compared with the height of the 
additional secondary growth to obtain a yield of NH2 from the reaction of OH 
+ NH3 via this internal calibration. This acts also as a method of validating 
that the bimolecular channel in the OH + ammonia reaction is indeed 
operating. As it can be seen from Table 5. 2, the value of k5.1 obtained from 
the global fitting procedure is in excellent agreement with the value of k5.1 
obtained from the independent fits to the OH LIF data. It can also be noted 
that k5.2 is found to be significantly faster than k5.1, confirming that there are 
indeed two growth components to the NH2 LIF traces. The value of k5.2 
obtained from these global fits is smaller than measured by Davidson et al. 
of (2.5 ± 0.5) × 10-10  molecule-1 cm3 s-1 at 298 K.31 However, given the 
exothermicity of the O(1D) + ammonia reaction (~ 170 kJ mol-1 according to 
the calculations of Wang et al. 24) it could be expected that  NH2 would be 
formed in rotationally excited states, and given that rotational relaxation of 
OH in Ar bath gas at 54 K was shown to be slow (Figure 5. 3), it could be 
expected that the rotational relaxation of NH2 into the LIF probed level may 
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also be slow. Thus, the value of k5.2 obtained from the global fit of the NH2 
traces is likely to be convoluted with rotational relaxation of hot NH2.   
If the data at short delay times is fitted with an exponential growth-loss 
function such as E5.8 (where the loss is fixed at the diffusional loss rate 
2062 s-1), then the component of the growth owing predominantly to the 
O(1D) + NH3 reaction can be fitted.  [!!!]! = !!!!"##!!! [!!!]!"# !!!!! − !!!!"##!     E5.8 
The fit can then be simulated out to long delay times demonstrating the 
expected temporal signal if only this reaction (R5.2) is operating. This has 
been performed for the data previously shown in Figure 5. 14 and the global 
fit is shown alongside the simulated O(1D) + NH3 fit in Figure 5. 15. 
 
Figure 5. 15: LIF trace of NH2 (black open circles) obtained from the 248 nm photolysis of 
ozone in the presence of ammonia (2.19 × 1015 molecule cm-3) at 53 ± 9 K and a total gas 
density of (1.5 ± 0.4) × 1017 molecule cm-3. The global fit (dark blue line) of E5.5 is shown 
alongside the simulated fit to the data (cyan line) of a single exponential growth process 
(with diffusional loss of 2062 s-1) owing to only the O(1D) + NH3 reaction. The single 
exponential growth rate coefficient was obtained from a fit of the data out to 9 µs (183138 ± 
41099 s-1).  
 
It can be seen from Figure 5. 15 that both the shape and the total signal 
height of the NH2 LIF data obtained cannot be replicated by the single 
exponential growth trace and provides further evidence of the two processes 
occurring to form NH2. 
 152 
From the global fit of the NH2 traces, a value of f = 0.9 ± 0.2 was obtained. 
Given the experimental and theoretically obtained branching ratio for the 
reference reaction, R5.2, to yield NH2, this value of f corresponds to a yield 
of NH2 from R5.1 of 0.98 ± 0.35  (error is 95 % confidence limits from the fit). 
This yield is consistent with the data presented in Figure 5. 8, showing the 
independence of the rate coefficient on pressure and thus the reaction 
operating purely by the bimolecular channel out to products.  
The implication of this calculated branching ratio is that in very low pressure 
and cold environments where both OH and ammonia have been detected, 
such as the molecular clouds TMC-1 and Sgr-B2, the reaction will proceed 
at the experimentally measured rate coefficient to yield NH2 and H2O. The 
confirmed pressure independence of the rate coefficient provides further 
support for product formation, indicating it is necessary for this reaction to be 
included in interstellar models.   
 
5.4 Comparison with ab initio / master equation calculations 
Following the experimental work reported in this thesis, ab initio and master 
equation calculations were performed by Dr Arne Bunkan (University of 
Leeds / University of Oslo) to aid interpretation of the experimental data.  
Stationary point calculations were performed at two levels of theory:  
CCSD(T)(full)/EB//CCSD(T)/aug-cc-pVTZ level and M06-2X/6-31+G(d,p). 
The resultant relative energies of the stationary points of the former are  
shown in Figure 5. 16. Contrary to previous work, intrinsic reaction co-
ordinate calculations performed by Dr Bunkan demonstrated that the 
complex with binding energy of ~7.5 kJ mol-1 was not the complex on the 
reaction co-ordinate, and the active complex in the reaction has a binding 
energy of only 1.3 kJ mol-1. The revised PES based on the calculations by 
Bunkan is shown in Figure 5. 16. 
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Figure 5. 16: To-scale potential energy surface for the OH + ammonia reaction based on 
calculations by Dr Arne Bunkan at the CCSD(T)(full)/EB//CCSD(T)/aug-cc-pVTZ level of 
theory.  
Master equations were performed by Dr Bunkan using the software 
MESMER.32 Hindered rotor calculations were performed for the low 
vibrational frequency torsional motion of the OH fragment in the transition 
state at the MP2/aug-cc-pVTZ level of theory. Tunnelling was included in the 
master equation calculations using an Eckart potential according to the 
method of Miller, with an associated imaginary frequency of 1582 cm-1 and a 
barrier height of 14.7 kJ mol-1.33 The barrierless association reaction to form 
the complex was treated as an inverse Laplace transform with an estimated 
formation rate coefficient of 5 × 10-10 molecule-1 cm3 s-1.The calculated 
temperature dependence of the rate coefficient for OH + ammonia is shown 
alongside the experimentally obtained rate coefficients in Figure 5. 17. 
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Figure 5. 17: Temperature dependence for k5.1, the OH + ammonia rate coefficient from this 
work and other studies, alongside the results of the master equation calculations performed 
by Dr Arne Bunkan at two levels of theory.10,11 
It can be seen that the master equation calculations capture the overall trend 
observed experimentally. However, the rate coefficient is consistently under-
predicted across the whole temperature range which is perhaps an 
indication that the barrier is lower than calculated. Additionally, the theory is 
unable to reproduce the sharp turnaround between the decreasing rate 
coefficient in the Arrhenius-type regime and the rapid enhancement in the 
rate coefficient below 200 K. Given the statistical nature of RRKM theory 
master equation calculations, this result is perhaps indicative that the kinetic 
behaviour of the OH + ammonia reaction in this temperature range is non-
statistical. To gain further insight into this and similar reactions studied in this 
thesis, trajectory calculations could be performed.  
 
5.5 Interstellar impact of the OH + ammonia reaction 
Through collaboration with interstellar modellers at the University of Virginia 
(Dr Kinsuk Acharyya and Professor Eric Herbst), the potential interstellar 
impact of the OH + ammonia reaction has been assessed. Further details 
about this model are given in Chapter 3 but a brief description is given 
below. A model encompassing both gas phase and grain reactions 
comprising around 600 species with 12,000 reactions was constructed from 
data available on several online databases including KIDA and OSU.34,35 
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Where experimental values are not available, the rate coefficients for neutral 
gas phase reactions have been calculated using the modified Arrhenius 
equation E5.8, where a, b and g are parameters.!! ! = ! !!"" ! !"# − !!        E5.8 
The model was operated in a pseudo time dependence mode whereby 
physical conditions such as the temperature and density are kept constant 
and the chemical evolution as a function of time is monitored. The initial 
chemical composition comprises only atomic species with the exception of 
hydrogen which is in its molecular form and typical initial abundances are 
representative of cold interstellar clouds. The model was run at 10, 50 and 
100 K. The rate coefficient values utilised at 50 and 100 K are those 
obtained experimentally at 54 and 89 K respectively, whereas the value 
utilised at 10 K  (3 × 10-10 molecule-1 cm3 s-1) is estimated based on the 
capture limit of a radical-neutral reaction, supported by the proxy method 
values obtained for other reactions reported in Chapter 7.    
 
Figure 5. 18: Time dependent species profiles for OH, NH2, NH3 and H2O with (red line) and 
without (black line) the OH + ammonia rate coefficient at 10 K, as output from the University 




Figure 5. 19: Time dependent species profiles for OH, NH2, NH3 and H2O with (red line) and 
without (black line) the OH + ammonia rate coefficient at 50 K, as output from the University 
of Virginia gas-grain model run by Dr Kinsuk Acharyya and Professor Eric Herbst.  
 
Figure 5. 20: Time dependent species profiles for OH, NH2, NH3 and H2O with (red line) and 
without (black line) the OH + ammonia rate coefficient at 100 K, as output from the 
University of Virginia gas-grain model run by Dr Kinsuk Acharyya and Professor Eric Herbst.  
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A 100 K, including the experimentally obtained OH + ammonia rate 
coefficient has no apparent impact on the temporal concentrations of 
ammonia, OH, water or NH2 radicals, as shown in Figure 5. 20. At 50 K, 
there is a very small impact (maximum ~ 7 %) on the species 
concentrations, which is most easily observed in the temporal profile of 
ammonia (Figure 5. 19). At 10 K there is a significant impact on the 
ammonia concentration across the whole time range, which is most 
prevalent between 105 and 106 years, as it can be seen in Figure 5. 18.  At ~ 
5 × 105 years, the ammonia concentration is reduced by around 40 % when 
the OH + ammonia reaction is accounted for.  
The model demonstrates that the OH + ammonia reaction will have the 
highest impact the coldest interstellar environments. The potential impact of 
this reaction on the ammonia abundances as shown in Figure 5. 18 
emphasises the need for this reaction to be widely incorporated into 
interstellar chemical models. 
 
5.6 OH + methane – a preliminary study 
Methane is one of the most important greenhouse gases with a 20 year 
global warming potential of 62 ± 20 (including direct and indirect effects) and 
its main sink in the atmosphere of Earth is reaction with OH, R5.3, which 
accounts for almost 90 % of its removal.36-38 There are several origins of 
methane into the atmosphere including agricultural, anthropogenic and 
geothermal sources as well as direct emissions from natural gas extraction 
sites.36-38  
The reaction of OH with methane has been subject to numerous kinetic 
studies due to the importance of this reaction to both atmospheric and 
combustion environments, and the temperature dependence of the rate 
coefficient is shown in Figure 5. 21 by a representative sample of studies in 
the literature.  !" + !!! → !!! + !!!       R5.3 
 158 
 
Figure 5. 21: Temperature dependence of the OH + methane rate coefficient as reported in 
the literature.39-43 
Ab initio calculations of the potential energy surface for OH + methane 
demonstrate that the reaction proceeds via a significant barrier to hydrogen 
abstraction.44,45 Raman and laser induced fluorescence spectroscopy were 
utilised by the group of Professor Marsha Lester at the University of 
Pennsylvania to identify the structure and binding energy (~ 2.5 kJ mol-1) of 
a weakly bound pre-reaction complex between OH and methane.46 As 
discussed by Smith and Ravishankara, the existing experimental data down 
to 173 K does not indicate the role of this complex and the reaction is 
instead likely to proceed directly over the barrier to reaction.47 However, 
given the role of the 1.4-7.5 kJ mol-1 pre-reaction complex in the OH + 
ammonia reaction at low temperatures, it is possible that at sufficiently low 
temperatures, the pre-reaction complex in the reaction of OH with methane 
may facilitate the enhancement of the rate coefficient.  
Recent ab initio and master equations, using the methodology described for 
the OH + ammonia system, by Dr Arne Bunkan (University of Leeds/ 
University of Oslo) propose an enhancement of the rate coefficient for the 
OH + methane reaction despite stationary point calculations finding a high 
barrier (22.5 kJ mol-1) to reaction and much weaker binding energy than that 
obtained by the Lester group experiments (Figure 5. 22).46  
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Figure 5. 22: Temperature dependence of the OH + methane rate coefficient reported in the 
literature alongside master equation calculation results obtained by Dr Arne Bunkan.39,40,42,43 
The master equation calculations significantly over predict the rate 
coefficient over the 200-800 K range, and at room temperature the 
calculations over predict the rate coefficient by around a factor of 6.40 
Therefore, the calculated low temperature rate coefficients are likely to be an 
upper limit.   
The work reported in this thesis has demonstrated that despite only a very 
weakly bound complex, the reaction of OH + ammonia is significantly 
enhanced at low temperature. To investigate this further, a preliminary 
experiment on the OH + methane reaction was carried out at 53 K.  
The reaction was studied using two OH precursors; !! + ℎ!(248!!") → !(!!)+ !!      P5.1 !(!!)+ !!! → !"(! ≥ 0)+ !!!      R5.4 
and (!!!)!!""# + ℎ! 248!!" → !",!"∗ + !" − !"#$%&'(   R5.2   !"∗,!"(! ≥ 0) !!"#! !"       R5.5 
LIF monitoring of OH via the A2Σ+←X2Πi (1,0) Q1(1.5) transition at ~ 282 nm. 
transition demonstrated that the O(1D) + CH4 reaction producing OH 
featured a very slow growth of OH, and thus limited the time window for 
monitoring the OH + methane reaction. Whilst the rate coefficient for the 
O(1D) + CH4  reaction is relatively fast at room temperature (1.5 × 10-10 
molecule-1 cm3 s-1 according to Vranckx et al.48), OH is formed in vibrational 
 160 
states up to v=4, and therefore the slow growth of OH is due to vibrational 
relaxation into the ground state, which according to Hancock et al. is on the 
order of 0.5 - 5 × 10-12 molecule-1 cm3 s-1  at 295 K.49 Consequently, t-
BuOOH was used as the OH source. The experiment was performed as 
detailed in section 5.2 and also Chapter 2 and so no other experimental 
details are given except the reagent purities which were as follows : Argon 
(99.98 %, BOC), Oxygen (BOC 99.999 %), Methane (100 %, BOC CP 
grade) and t-BuOOH (Aldrich, 70 % wt. in H2O).  
The bimolecular plot for the reaction of OH with methane obtained at 53 K 
and a total gas density of 1.5 ×!1017 molecule cm-3 is shown in Figure 5. 23. 
Across a large range of methane concentrations, no change in the pseudo 
first order rate coefficient is observed (within error) and thus the rate 
coefficient for the reaction is below the detection limit for our apparatus, 
which is ~ 1 × 10-12 molecule-1 cm3 s-1 under these conditions.  
  
Figure 5. 23: Pseudo first order loss rate coefficients for the loss of OH in the presence of 
methane. Pseudo first order rate coefficients obtained at 53 ± 9 K and a density of (1.5±0.4) 
×!1017 molecule cm-3.  
To quantify if the very weakly bound pre-reaction complex present on the 
potential energy surface of OH + methane influences the rate coefficient, it 
will be necessary to study the reaction at much lower temperatures which 




The rate coefficient for the reaction of OH with ammonia has been measured 
at 54 and 89 K and a dramatic inverse temperature dependence has been 
observed. At 54 K, the rate coefficient is two orders of magnitude faster than 
at room temperature and the rate coefficients at both 54 and 89 K are found 
to be independent of pressure.  
Despite the presence of only a very weakly bound pre-barrier complex, the 
reaction appears to be enhanced by the increased lifetime of this complex at 
lower temperatures. The bimolecular reaction outcompetes collisional 
stabilisation into the well via a quantum tunnelling mechanism so that 
bimolecular products are formed. The operation of this bimolecular channel 
has been further substantiated by direct detection of the NH2 product as a 
function of time via LIF spectroscopy. The NH2 yield from this reaction has 
been found to be 0.98 using O(1D) + NH3 as an internal standard. 
This general mechanism has been observed both in this work, and previous 
work, to occur at low temperatures for reactions of OH with several 
oxygenated organic compounds. However, the pre-barrier complexes in 
these reactions are notably more strongly bound (by around 10-15 kJ mol-1).  
The persistence of this mechanism for H-abstraction reactions, even where 
the complex is very weakly bound, suggests that this mechanism is indeed 
general for H-abstraction reactions at low temperatures and places further 
emphasis on the necessity for this type of reaction to be included in 
interstellar networks.  The abundance of OH and ammonia in cold interstellar 
environments where temperatures can reach as low as 10 K, means that the 
reaction between OH and ammonia could be occurring at a rate approaching 
the gas kinetic limit. Inclusion of the OH + ammonia rate coefficient obtained 
(and extrapolated for 10 K) in this work into a gas-grain model with 
representative densities and starting components leads to a 40 % decrease 
in ammonia concentration at ~ 5 × 105 years at 10 K. To obtain a more 
accurate value of the OH + ammonia rate coefficient at 10 K, and hence a 
better understanding of the impact of this reaction in cold molecular clouds, 
non-statistical theoretical calculations, for example trajectory calculations, 
should be performed. The impact of this reaction in low temperature 
interstellar environments based on the estimated 10 K rate coefficient will 
hopefully provide motivation for further experimental and theoretical study.  
The preliminary experimental study of OH + methane performed at 54 K 
demonstrated that at this temperature, the very weakly bound complex (~ 
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0.6 kJ mol-1) was insufficiently long lived to facilitate tunnelling through the 
barrier to reaction at a bimolecular rate coefficient detectable in this 
experimental setup. Whilst this reaction is of interest at a fundamental level 
due to the extremely weakly bound nature of the pre-reaction complex, it 
may also be interesting from an astrochemical perspective as methane has 
been detected in several interstellar environments.50-52 From the magnitude 
of the room temperature rate coefficient (~ 6.6 × 10-15 molecule-1 cm3 s-1 
according to Vaghjiani and Ravishankara40) and the relative energies of the 
weakly bound complex and reaction barrier, it is perhaps inevitable that the 
rate coefficient for OH + methane was not significantly enhanced at 54 K to 
be within the detection limit of this apparatus. However, given the high 
imaginary frequency calculated for the barrier to reaction, it is possible that 
at temperatures inaccessible by this apparatus currently, the rate coefficient 
may be significantly enhanced. Experiments performed at lower 
temperatures accessible, for instance, by the continuous CRESU apparatus 
at Rennes, would shed light on this and provide an interesting outlook on the 
limitations of the mechanism observed for hydrogen transfer reactions 
discussed in this thesis.  
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Chapter 6. Radical-radical reactions at low temperatures: 
Kinetics of nitric oxide with alkoxy radicals. 
 
6.1 Background and previous studies of radical-radical 
reactions at low temperatures 
The development and first implementation of the CRESU apparatus was 
conducted by Bertrand Rowe and Jean-Baptiste Marquette in order to study 
ion-molecule reactions at low temperatures.1,2 The technique was 
subsequently adapted by the group of Ian Smith to enable the kinetic studies 
of neutral reactions, and since then, the main focus of low temperature 
kinetic studies has been radical-neutral reactions.3 Many of these reactions, 
such as OH + alkenes , C2H + alkenes and C2H + alkanes, are barrierless 
and so their rate coefficients exhibit a modest inverse temperature 
dependence.4-13 Later studies, and also those presented in this thesis, which 
also concern radical-neutral reactions, have demonstrated that reactions 
with an overall barrier to hydrogen abstraction may be enhanced greatly at 
low temperatures where a weakly bound complex may be formed prior the 
abstraction barrier.14-18  
There are limited studies in the literature on the kinetics of other reaction 
types below 200 K, for example radical-radical reactions. One of the main 
barriers to the kinetic study of such reactions is the necessity to produce one 
radical species in great excess of the other so that pseudo first order 
conditions are obtained. Some existing studies in the literature of these 
reactions at low temperatures will be briefly outlined below.  
The first kinetic study of a radical-radical reaction at low temperatures was 
conducted by Sims and Smith on the reaction of CN with O2 using a 
cryogenically cooled photolysis cell.19 The rate coefficient was measured 
between 99-761 K, and a T-0.5 dependence on the rate coefficient was  
observed, which was deduced to be indicative of a barrierless process.19 
The temperature range of the kinetics of this reaction was extended, initially 
down to 26 K in 1992, and later down to 13 K in 1994 upon the development 
of the CRESU apparatus for radical reactions.3,20 A T-0.63 dependence on the 
rate coefficient was concluded from these studies.3  
The first low temperature radical-radical kinetic study whereby both radical 
species were produced in situ was on the reaction of O(3P) with OH 
conducted by Carty et al. down to 39 K.21 The reaction of atomic oxygen in 
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its electronic ground state with OH at low temperatures is of interest to the 
astrochemical community as it is believed to be a major route to O2 
formation in the cold molecular clouds within the interstellar medium.21,22 
 ! + !"! → ! + !!        R6.1 
The rate coefficient was measured using a CRESU apparatus coupled with  
LIF detection of OH, and the O atom concentration was estimated by 
knowledge of O2 absorption at 157.6 nm and the laser fluence at that 
wavelength. The rate coefficient was found to be independent of 
temperature between 142 and 39 K, indicating a barrierless process.  
More recently, the kinetics of N atom reactions have been measured at low 
temperatures by Daranlot et al. within the groups of Hickson and Bergeat at 
the University of Bordeaux.22-25 The reactions of N with NO, OH and CN 
(R6.2-R6.4) where N was produced by the microwave discharge of N2, were 
studied to further understand the nitrogen cycle in the interstellar medium.   ! + !"! → ! + !!         R6.2 ! + !"! → ! + !"         R6.3 ! + !"! → ! + !!         R6.4 
The kinetics of N + NO was studied via LIF of NO. NO is a stable radical 
species and so can be added in known quantities to the gas mixture. Once 
the rate coefficient of this reaction had been obtained,25 it was used to obtain 
the rate coefficient of N + OH via relative rate studies,24 which in turn was 
then used to elucidate the N + CN rate coefficient.23 For all of these 
reactions, the molecular radical reactant was monitored via LIF to obtain the 
rate coefficient, except in the case of the N + OH reaction, whereby the OH 
reactant and the NO product were simultaneously monitored via LIF using 
two probe lasers and two photomultiplier tubes (PMTs) for detection.  
In this work, the kinetics of two radical-radical reactions (NO + methoxy and 
NO + ethoxy radicals) are reported below 284 K for the first time.  
Alkoxy radicals are intermediates in the oxidation of hydrocarbon species, 
and play a role in both atmospheric and combustion chemistry.26 Whilst the 
dominant reaction of atmospheric alkoxy radicals is with oxygen to generate 
carbonyl species, under highly polluted conditions they react with NO.26,27 
Several kinetic studies have been undertaken for the reaction of the smallest 
alkoxy radical, methoxy (CH3O) with NO from 284 K upwards.28-31  
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!!!! + !" → !"#$%&'(       R6.5 !!!! + !" → !!!! + !"#      R6.5a !!!! + !" → !!!!"!       R6.5b 
The reaction of the ethoxy radical (CH3CH2O) has been subject to fewer 
studies in the literature, but has been studied across the temperature range 
298-403 K.26,29,32,33 !!!!!!! + !" → !"#$%&'(      R6.6 !!!!!!! + !" → !!!!"# + !"!     R6.6a !!!!!!! + !" → !!!!!!!"!      R6.6b 
Previous work has utilised two techniques to generate alkoxy radicals: 
photolytic production via an alkoxy nitrite precursor (RONO), or from the 
reaction of the relevant alcohol with F atoms, which were generated via 
discharge flow. Following the generation of the alkoxy radicals using either 
method, the rate coefficients were subsequently measured under pseudo 
first order conditions where the NO co-reactant was in excess and the alkoxy 
radical was monitored via LIF spectroscopy.26,28-32  
The overall rate coefficients of reactions R6.5 and R6.6 have been shown to 
exhibit modest negative temperature dependencies, which is consistent with 
the previous observations of radical-radical reaction rate coefficients.3,19-21 In 
both the reactions of methoxy and of ethoxy radicals with NO, there are two 
competing channels. The first (R6.5a, R6.6a) is a hydrogen-abstraction 
disproportionation channel, yielding stable molecular products. The second 
(R6.5b, R6.6b) leads to the formation of the chemically activated alkoxy 
nitrite, which can be stabilised through collisional deactivation. The 
branching fraction of the two channels is pressure and temperature 
dependent, and for the methoxy radical reaction, this has been explored 
experimentally by Dobe et al.,30 and through ab initio/RRKM calculations by 
Caralp et al.28  
Caralp et al. reported that the high pressure limiting rate coefficient, 
(corresponding to the collisional stabilisation of the chemically activated 
methyl nitrite, produced from R6.5b), exhibits a negative temperature 
dependence, and from their experimental results deduced the following 
expression to describe the temperature dependence of the high pressure 
limiting rate coefficient: !! = 3.4×10!!! !!"# !!.!"       E6.1 
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This is in reasonable agreement with the earlier work by Frost and Smith,29 
who obtained the following expression: !! = 3.6×10!!! !!"# !!.!       E6.2 
Frost and Smith obtained a temperature dependent expression for the low 
pressure limiting rate coefficient, in other words, the contribution of channel 
R6.5a only to the overall rate coefficient (E6.3). !! = 5.8×10!!" !!"# !!.!       E6.3 
Caralp et al. found that at and below 350 K, the following expression for low 
pressure limiting rate coefficient was able to reproduce their experimental 
observations: !! = 2.5×10!!" !!"# !!.!"       E6.4 
Both the expressions of Caralp et al. and Frost and Smith predict negative 
temperature dependencies, as shown in Figure 6. 1.  
 
 
Figure 6. 1: The temperature dependence of the low pressure limiting rate coefficient for the 
NO + CH3O reaction (R6.5a) in the literature up to 350 K. Blue line: extrapolation of E6.4 by 
Caralp et al.28 Red line: extrapolation of E6.3 by Frost and Smith.29 Open blue triangle: 298 




However, when Caralp et al. also included their data above 350 K, the best 
RRKM fit to the experimental data across the whole temperature range was 
obtained when abstraction via the energised adduct, CH3ONO*, was 
included alongside the direct H-abstraction mechanism, suggesting that the 
mechanism is more complex. A schematic outlining the potential reaction 
pathways is shown below in Figure 6. 2.28 The role of direct abstraction was 
shown to be negligible below 350 K. 
  
 
Figure 6. 2: Schematic showing the potential reaction pathways following RRKM modelling 
by Caralp et al. with the microcanonical rate coefficient labels as used for the OH + alcohols 
reactions (see Chapter 3). 
The pressure dependence of the rate coefficient for R6.6 has been 
extensively investigated at room temperature by Ohmori et al. and by Frost 
and Smith, who investigated the effect of different bath gases, and the 
results of this are summarised in Figure 6. 3.29,31 The work of Frost and 
Smith also investigated the pressure dependence over the temperature 
range 296-452 K using Ar and CF4 bath gases between 3-125 Torr.29 Work 
by Caralp et al. between 0.5-5 Torr of helium and between 248-473 K were 




Figure 6. 3: Pressure dependence of the NO + CH3O rate coefficient reported in the 
literature at 298 K (a), with inset (b) to show the low pressure work in more detail. The 
shape of the symbols denotes the authors. Circles: Daele et al.27 Triangles: Frost and 
Smith.29 Stars: Dobe et al.30 Squares: Caralp et al.28 Diamonds: Ohmori et al.31 Colour of the 
symbol denotes bath gas: Black (He), red (Ar), green (CF4), blue (N2) and purple (SF6). 
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There is some discrepancy in the literature regarding the height of the barrier 
to hydrogen abstraction. The ab initio calculations by Caralp et al. using the 
BAC-MP4 method (which were utilised in the RRKM calculations discussed 
above) find a submerged barrier of -8.8 kJ mol-1 with respect to reactants.28 
However, work by Fernandez-Ramos et al. at the QCISD(T)/6-
311++G(d,p)//QCISD/6-311++G(d,p) reports a barrier of 18.2 kJ mol-1.34  
Recent work by Zhu et al. at the CASPT3(8,8)/6-31+G(3df,2p)// 
CASSCF(8,8)/6-311+G(d) level reports the presence of two transition states 
associated with H-abstraction.35 The former is a conventional transition state 
with a relative energy of 25.5 kJ mol-1. The second has a submerged barrier 
of -2.9 kJ mol-1 and is denoted as a roaming transition state, which is a very 
loose transition state with larger intermolecular distances between the two 
reactant species.36-40 Examples and the intricacies of roaming-type reactions 
can be found in several recent reviews, notably those by Bowman and 
Suits.36,37,39,40 It should also be noted that the calculated imaginary 
frequency of the conventional transition state associated with the H-
abstraction barrier is relatively high, 1502 cm-1 according to the work of 
Caralp et al. and 1391 cm-1 from Fernandez-Ramos et al.28,34 Therefore 
even if the barrier is positive, tunnelling may potentially contribute to the rate 
coefficient of the reaction, in particular at lower pressures where the methyl 
nitrite complex is not collisionally stabilised.  
Theoretical studies in the literature are in reasonable agreement regarding 
the well depth associated with the formation of CH3ONO via R6.5b, with 
values reported in the range 164-177 kJ mol-1.28,34,35 Potential energy 
surfaces based on the calculations by Caralp et al. and Zhu et al. are shown 
in Figure 6. 4 and Figure 6. 5 respectively.28,35  
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Figure 6. 4: To-scale potential energy surface for the reaction of NO with CH3O (with 
relevant relative energies) based on the calculations by Caralp et al. at the BAC-MP4 level 
of theory.28  
 
Figure 6. 5: To-scale potential energy surface for the reaction of NO with CH3O (with 
relevant relative energies) based on the calculations by Zhu et al. at the CASPT3(8,8,)/6-
31+G(3df,2p)//CASSCF(8,8)/6-311+G(d) level of theory. The orange line represents the 
minimum energy pathway involving the roaming transition state (RTS-R6.5) and the blue 
line represents the minimum energy pathway involving the conventional TS (TS-6.59).35  
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Fewer studies have been undertaken on the reaction of the ethoxy radical 
with NO (R6.6). To the best knowledge of the author, there have been no ab 
initio or rate theory studies, however it is assumed that the reaction 
pathways for higher alkoxy radicals with NO will be analogous to those found 
for the methoxy radical reaction.26,29 Recent experimental work on the 
thermal decomposition of C2H5ONO by Prozument et al. postulated the role 
of a roaming mechanism following initial decomposition to NO and the 
ethoxy radical.35,41 Chirped pulse rotational spectroscopy experiments 
performed between 1000-1800 K detected relative yields of 
HCHO:HNO:CH3CO that, when resolved through kinetic analysis, indicated 
a significant contribution of a roaming radical channel yielding HNO and 
acetaldehyde. Upon decomposition of C2H5ONO , the NO radical 
subsequently ‘roams’ the ethoxy radical moiety via a loosely bound 
intermediate before abstracting a hydrogen atom yielding the molecular 
products.41 Therefore, this roaming mechanism could also be operating in 
the bimolecular reaction of NO with the ethoxy radical (R6.6). 
Experimental investigations by Fittschen et al. between 295-354 K found a 
modest negative temperature dependence on the rate coefficient of R6.6.26 
The rate coefficient obtained at 298 K in 100 Torr helium was in reasonable 
agreement with the value obtained by Frost and Smith in 15 and 100 Torr of 
argon.29 However, the earlier work of Daele et al. at 0.55, 1 and 2 Torr of 
helium reported lower rate coefficients, and their Lindemann-Hinshelwood 
analysis demonstrated competition between the disproportionation channel 
(R6.6a) and the stabilisation of the chemically activated alkyl nitrite 
(R6.6b).32 Fittschen et al. concluded that the rate coefficient reaches the 
high pressure limiting rate coefficient above 15 Torr of He between 295-354 
K, and developed the following expression for the high pressure limiting rate 
coefficient.26 !! = 2.0×10!!!!"# !""!"         E6.6 
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 Figure 6. 6:  (a) The temperature dependence of the NO + CH3CH2O reaction rate 
coefficient reported in the literature. The shape of the symbols denotes the authors. Circles: 
Daele et al.32 Triangles: Frost and Smith.29 Squares: Fittschen et al.26 Colour of the symbol 
denotes bath gas: Black (He), red (Ar), green (CF4), blue (N2) and purple (SF6). (b) Pressure 
dependence of the NO + CH3CH2O reaction rate coefficient reported in the literature at 298 
K. Red circles: Daele et al.32 (Ar bath gas). Blue triangle: Frost and Smith (N2 bath gas).29 
Black squares: Frost and Smith (15 Torr, He bath gas) and Fittschen et al. (30 Torr, 50 Torr, 
He bath gas).26,29 
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Alkoxy radical reactions may also be of relevance to low temperature 
environments. As discussed in Chapter 3, Shannon et al. found the 
dominant low temperature product from the OH + methanol reaction to be 
the methoxy radical.16 From the high imaginary frequency associated with 
the analogous abstraction site on ethanol, it is postulated that ethoxy 
radicals will be the major low temperature product from the OH + ethanol 
reaction. The methoxy radical has recently been detected for the first time in 
an interstellar environment in the molecular cloud Barnard-1 (B1), where 
temperatures can reach as low as 10 K.42 Interestingly, both OH and 
methanol have been found in this molecular cloud, indicating their reaction 
may be a possible precursor to the methoxy radical.42-44 An astrochemical 
modelling study conducted by Acharyya et al. to asses the impact of the OH 
+ methanol reaction on methoxy radical formation using the low temperature 
rate coefficients for OH + methanol obtained by Shannon et al. and in this 
work found that at longer astrochemical times the methoxy radical 
concentration was overestimated compared to observation in the B1 cloud.45 
It was concluded that the methoxy radical loss processes were being 
underestimated.45 
NO has also been detected within B1.46  Given the presence of methoxy and 
NO within this environment, the reaction between the two species may act 
as a potential loss channel. As the rate coefficient has previously been 
reported to exhibit a pressure dependence and a complex temperature 
dependence, the rate coefficient of this, and the reaction of other alkoxy 
radicals needs to be studied under conditions relevant to cold dense 
molecular clouds, which can typically reach as low as 10 K. In this work, the 
reaction kinetics of NO with the methoxy radical and with the ethoxy radical 
has been studied at 89 K at three densities over the range 3.5 × 1016  to 1.1 
× 1017 molecule cm-3. In the case of the methoxy radical reaction, the 
product of R6.5a, HCHO, has been detected via LIF spectroscopy.  
 
6.2 Experimental procedure 
The apparatus and experimental procedure has been described fully in 
Chapter 2 of this thesis and thus only a brief outline is given here. 
Methyl- and ethyl-nitrite were synthesised as outlined in the literature, but a 
concise outline is given below.47 A three necked flask containing NaNO2 
(Sigma), distilled water and the relevant alcohol (methanol for methyl nitrite 
(Sigma-Aldrich ≥ 99.9 %), or ethanol for ethyl nitrite (Sigma-Aldrich, ethanol 
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absolute ≥ 99.8 %)) was cooled in an ice bath and stirred using a magnetic 
stirring plate whilst a H2SO4 (Fisher scientific analytical grade 98 %) /distilled 
water solution was added drop wise. The alkyl nitrite produced from the 
reaction was purged from the flask by a slow flow of nitrogen (BOC, OFN). 
The alkyl nitrite was passed through two traps containing NaOH (to remove 
H2SO4) and anhydrous CaCl2 (to remove water) before being captured in a 
glass finger cooled to 195 K using a dry ice/acetone slush. The alkyl nitrite, 
which was pale yellow in colour, was further purified via the freeze pump 
thaw method. The vapour pressure of the relevant alkyl nitrite was then 
admitted to an evacuated cylinder via a gas manifold before being diluted to 
a total pressure of ~ 5000 Torr with N2 (BOC, OFN). NO (BOC, 99.5 %) was 
admitted to another cylinder and diluted to a total pressure of ~ 5000 Torr 
with N2. The bath gas and alkyl nitrite contained in the cylinders were 
allowed to mix overnight before use.  
The alkyl nitrite/N2, NO/N2 and the N2 bath gas (BOC, OFN) were delivered 
to the pre-expansion reservoir via a set of calibrated mass flow controllers 
(MKS instruments). All experiments were carried out under pseudo first 
order conditions and in addition the reagent concentration did not exceed 2 
% of the total gas flow 
The mixture of reagent and bath gases was expanded supersonically in 
pulses of a fixed width between  ~ 10-20 ms through the convergent-
divergent shaped Laval nozzle into a low pressure stainless steel chamber 
producing a thermally equilibrated, low temperature jet. The short gas pulses 
were achieved using two pulsed solenoid valves (Parker 9 series), which 
control the flow of gas from a 1 cm3 reservoir region through the Laval 
nozzle.  
The rate coefficients of the methoxy radical + NO and ethoxy radical + NO 
reactions were measured by monitoring the temporal decay of the relevant 
alkoxy radical via pulsed laser photolysis-laser induced fluorescence (PLP-
LIF). The experiments were performed under pseudo first order conditions 
so that the concentration of the NO was in great excess (around a factor of 
100 or more) of the alkoxy radical concentration. The alkoxy radical 
precursor (methyl nitrite or ethyl nitrite) was photolysed at 248 nm using an 
excimer laser (KrF Lambda Physik LPX 200), with typical laser energy of 
280-340 mJ per pulse, along the axis of the expanded gas flow producing a 
uniform alkoxy radical density. The subsequent decay of the relevant alkoxy 
radical due to reaction and other loss processes was measured by LIF using 
an Nd:YAG (Litron LPY 664-10) pumped dye laser (Sirah Gmbh Cobra 
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stretch). The following transitions were utilised for LIF detection : the 
methoxy radical via the  Ã2A1  X̃2E,!3 = 1  0 transition at ~ 310 nm, and 
the ethoxy radical via the Ã2A1  X̃2Aʺ,!10 = 3 ← 0 transition at ~  323 
nm.48,49 Laser excitation spectra of the methoxy and ethoxy radicals 
obtained via this transition following 248 nm photolysis of the alkyl nitrite 
precursor can be seen in Chapter 3.  
The resultant fluorescence signal was collected by a PMT (Thorn EMI 
9813QB) fitted with a wide band pass filter (Thor labs 400 ± 40 nm) 
positioned above the axis of the jet and laser beams, and was integrated 
and visualised on the oscilloscope (LeCroy Waverunner-2) prior to analysis 
using a PC .The temporal evolution of the alkoxy radicals was recorded by 
varying the time delay between the photolysis and probe lasers.  
The concentrations of the alkoxy radical precursors were in the ranges (1.2-
3.2) × 1013 molecule cm-3 and (0.53-1.3) × 1013 molecule cm-3 for the 
methoxy and ethoxy radical precursors, respectively. Following photolysis at 
248 nm, this yielded alkoxy radicals in the ranges (2.1-5.5) × 1012 molecule 
cm-3 and (4.6-9.6) × 1012 molecule cm-3 of methoxy and ethoxy radicals 
respectively. Examples of how the concentration of methoxy and ethoxy 
radicals are calculated from the photolysis of the alkyl nitrite precursor at 248 
nm is shown in Appendix D.  
The reaction schemes for the formation and removal of the alkoxy radicals 
are given by: !!!!"! + ℎ!⟶ !!!! + !"      P6.1  !!!! + !"⟶ !"#$%&'(       R6.5  !!!!!!!"! + ℎ!⟶ !!!!!!! + !"     P6.2  !!!!!!! + !"⟶ !"#$%&'(      R6.6 
For pseudo first order conditions,  [NO] >> [RO] (where RO is a generic term 
for an alkoxy radical), the temporal evolution of the alkoxy radicals for both 
R6.5 and R6.6 is given by: [!"]! = [!"]!!!!!"#!       E6.7 
and !!"# = !!.! !" + !!"##!        E6.8 
for the reaction of NO with the methoxy radical (R6.5), and  !!"# = !!.! !" + !!"!!       E6.9 
for the reaction of NO with the ethoxy radical (R6.6). 
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kobs is the pseudo first order rate coefficient and kloss is the rate coefficient for 
the loss of the alkoxy radical out of the detection region via diffusion and 
reaction with the precursor.  
 
6.3 Results and discussion 
6.3.1 Alkoxy radical loss experiments 
Examples of the temporal evolution of the alkoxy radical LIF signal following 
248 nm photolysis of the relevant alkoxy nitrite precursor in the presence of 
NO are shown in Figures 7 and 8 for the methoxy and ethoxy radical 
reactions respectively,  together with non-linear least squares fits of E6.8 
and E6.9 respectively to the data, which yielded kobs. The pseudo first order 
traces each comprise 280 points which were averaged 12 times. 
The pseudo first order traces were found to contain a growth component 
which is indicative of the rotational relaxation (R6.7) of the photolytically 
produced alkoxy radical into the laser probed level, for example: !!!!"! + ℎ!⟶ !!!!∗ + !"      P6.1  !!!!∗ +!⟶ !!!! +!       R6.7  !!!! + !"⟶ !"#$%&'(       R6.5 
As the growth component of the traces were found to be at a comparable 
rate to the loss component of the trace (in particular at higher alkoxy radical 
concentrations), it was not possible to fit the traces with a exponential 
growth-exponential decay trace, and so the traces were fitted with a single 
exponential decay expression (E6.7). However, due to the growth 
component, it was found that the traces were perturbed at early times and so 
different values for the pseudo first order rate coefficients were retrieved 
depending on at what delay time the fit was started from. The most extreme 
differences in the pseudo first order rate coefficients obtained were within 15 
% of the mean value. Therefore, for these experiments, the data were fitted 
from time delays yielding roughly the mean value, and the error in the fit was 
propagated with 15 % of the returned pseudo first order rate coefficient.  
Experiments were repeated for a variety of concentrations of NO and 
Figures 9 and 10 show the variation of kobs with [NO], the gradients of which 
yield the bimolecular rate coefficients for the methoxy radical + NO (k6.5) and 




Figure 6. 7: Pseudo first order LIF profile of the methoxy radical (open circles) together with 
the non-linear least squares fit of E6.8 to the data (red line) from the 248 nm photolysis of 
methyl nitrite in the presence of NO (9.9 × 1014 molecule cm-3) at 88 ± 5 K and a total 
density (3.5 ± 0.5) × 1016 molecule cm-3, using N2 bath gas. The least squares fit of E6.8 to 
the data yields a pseudo first order rate coefficient of 38462 ± 960 s-1 (± 6751 s-1 when 
propagated with 15 % of the returned kobs value, see text for details). 
 
Figure 6. 8: Pseudo first order LIF profile of the ethoxy radical (open circles) together with 
the non-linear least squares fit of E6.9 to the data (red line) from the 248 nm photolysis of 
ethyl nitrite in the presence of NO (7.5 × 1014 molecule cm-3) at 89 ± 3 K and a total density 
(6.5  ± 0.6) × 1016 molecule cm-3, using N2 bath gas The least squares fit of E6.9 to the data 
yields a pseudo first order rate coefficient of 86650 ± 744 s-1 (± 13741 s-1 when propagated 
with 15 % of the returned kobs value, see text for details). 
 181 
 
Figure 6. 9: Variation of kobs with NO concentration for the reaction of NO with methoxy 
radicals, obtained at 88 ± 5 K and a density of (3.5 ± 0.5) × 1016 molecule cm-3 using N2 bath 
gas, together with a weighted linear least squares fit of E6.7 to the data, the gradient of 
which yields the bimolecular rate coefficient, k6.5= (3.5 ± 0.6) × 10-11 molecule-1 cm3 s-1. The 
green dashed lines represent the upper and lower 95 % confidence limits. The overall error 
in the bimolecular rate coefficient is the 95% confidence limits propagated with the error in 
the determination of the total density from the impact pressure measurements.  
 
Figure 6. 10: Variation of kobs with NO concentration for the reaction of NO with ethoxy 
radicals, obtained at 89 ± 3 K and a density of (6.5 ± 0.6) × 1016 molecule cm-3 using N2 bath 
gas, together with a weighted linear least squares fit of E6.7 to the data, the gradient of 
which yields the bimolecular rate coefficient, k6.6= (9.8 ± 0.9) × 10-11 molecule-1 cm3 s-1. The 
green dashed lines represent the upper and lower 95 % confidence limits. The overall error 
in the bimolecular rate coefficient is the 95% confidence limits propagated with the error in 
the determination of the total density from the impact pressure measurements.  
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The bimolecular rate coefficients obtained in this work are summarised in 
Table 6. 1 and are notably faster than those reported in the literature at 
higher temperatures, which is consistent with the negative temperature 
dependence reported in the literature. However, given that both reactions 
are subject to competitive branching between stabilisation and bimolecular 
product formation, it is instructive to examine the pressure dependence to 
allow a more rigorous comparison to the literature values, and to examine 
the mechanisms operating at low temperatures.  
Table 6. 1: Measured rate coefficients of the NO + alkoxy radical reactions obtained in this 
study, together with the temperatures and total gas densities of the flows generated by the 
pulsed Laval nozzles utilised. Errors have been calculated by propagation of the 95 % 














88#±#5# N2# 3.5#±#0.5# 3.5#±#0.6#
3.4#±#3.0a#
8.9#±#1.7#
89#±#3# N2# 6.5#±#0.6# 4.5#±#0.8# 9.8#±#0.9#
88#±#4# N2# 11#±#1# 5.3#±#0.7# 12#±#2#
a Rate coefficient obtained by the detection of HCHO products.  
 Both k6.5 and k6.6 have been studied over a small pressure range at ~ 89 K, 
and a modest pressure dependence was observed for both rate coefficients, 
as shown in Figure 6. 11. The magnitude of the NO + ethoxy reaction rate 
coefficients were found to be larger than those obtained for the NO + 
methoxy reaction across the pressure range . This is consistent with the 
previous experimental results, for example, at 294-298 K and 100 Torr He, 
Fittschen et al. report the NO + ethoxy radical rate coefficient as 3.9 × 10-11 
molecule-1 cm3 s-1, and Caralp et al. report 2 × 10-11 molecule-1 cm3 s-1 for 
the NO + methoxy radical reaction.26,28 The experimental rate coefficients 
have been fitted with an extended Lindemann-Hinshelwood expression, 
which is given below in E6.10. The derivation of this equation was given in 
Chapter 3, in the context of the low temperature rate coefficients for OH + 
alcohol reactions.  
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Figure 6. 11: Pressure dependence of k6.5, the NO + methoxy radical reaction rate 
coefficient (red open circles) and for k6.6, the NO + ethoxy radical reaction rate coefficient 
(black open circles), both measured at 89 K using N2 bath gas. The error bars are the result 
of propagation of the 95 % confidence limits in the bimolecular rate coefficients with the 
errors in the expansion densities. The red line is the extended Lindemann-Hinshelwood fit to 
the NO + methoxy data using 3 × 10-10 molecule-1 cm3 s-1 for ka. The grey line is the 
extended Lindemann-Hinshelwood fit to the NO + methoxy data using 8.4 × 10-11 molecule-1 
cm3 s-1 for ka. The black line is the extended Lindemann-Hinshelwood fit to the NO + ethoxy 
data using 3 × 10-10 molecule-1 cm3 s-1 for ka. See text for details. 
 ! = !!!!!! !!! !!! ! !!!! !! + !!!!!! !!!!! !!! !!! !!!      E6.10 
In E6.10, ka represents the rate coefficient for formation of the complex 
RONO, k-a is the rate coefficient for the subsequent redissociation of the 
complex, ks is the rate coefficient for stabilisation of the complex into the 
deep well and kr is the rate coefficient for bimolecular reaction following the 
initial complex formation, as illustrated in Figure 6. 2. Fitting of this equation 
to the experimental data as a function of [M] requires three parameters:  
(kakr)/(k-a+kr) (the low pressure limiting rate coefficient, k0), kr/ks (the 
chemical activation ratio) and the high pressure limiting rate coefficient, k∞, 
which is equal to ka. More detail about the E6.10 is given in Chapter 3. As 
one of these parameters must be fixed to obtain a solution to the fit, ka was 
fixed at 3.0 × 10-10 molecule-1 cm3 s-1 for both reactions, as this value is in 
the region of the gas kinetic limit. This value was also chosen as it is a lower 
limit of the high pressure limiting rate coefficients for other reactions 
obtained in this work (see Chapter 7). In the case of the NO + methoxy 
radical reaction, the high pressure limiting rate coefficient  obtained from 
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E6.1 derived by Caralp et al. from their experimental data was also used, 
yielding a value of ka = 8.4 ×10-11 molecule-1 cm3 s-1 at 89 K.28 Whilst 
Fittschen et al. reported an expression to obtain the high pressure limiting 
rate coefficient as a function of temperature (E6.6) when calculated for 89 K, 
it was found that the value was notably less than had been measured under 
the conditions of these experimental studies, and so this value was not 
used.26 The values of the low pressure limiting rate coefficient and the 
chemical activation ratio obtained from the fits for both reactions are 
presented in Table 6. 2. 
Table 6. 2: Parameters obtained from the fit of the extended Lindemann-Hinshelwood 













NO#+#CH3O# *3.0×10810# (8.4±1.7)×1016# (2.6±0.2)×10811#





*High pressure limits estimated from approximate gas kinetic limiting rate coefficients. 
#Value calculated from the empirical equation from the work of Caralp et al.28 
As it can be seen from Table 6. 2 and Figure 6. 11, the pressure-
independent component of the rate coefficients of both R6.5 and R6.6 are 
significant, providing strong evidence that bimolecular product formation is 
occurring at low temperatures. Fitting of the data for the NO + methoxy 
radical reaction with the two values for ka results in different values for the 
zero pressure rate coefficient. However, these values are within a factor of 
two of one another. 
From the values obtained from the extended Lindemann-Hinshelwood fit, it 
is possible to examine the pressure dependence of the contributions from 
the bimolecular channels (R6.5a, R6.6a) leading to molecular products, and 
the stabilisation channels (following R6.5b and R6.6b) to the overall rate 
coefficient. The calculated contributions of these channels to the overall ate 
coefficients using the values presented in Table 6. 2 are shown below in 




Figure 6. 12: The extended Lindemann-Hinshelwood expression (E6.10) for the NO + 
methoxy radical reaction, k6.5 as a function of [M] (N2) using the best fit parameters from 
fitting to experimental data (cyan line) (with ka = 3.0 ×10-10 molecule-1 cm3 s-1). Together with 
the calculated contributions to k6.5 from the pressure dependent term (black line), 
corresponding to collisional stabilisation of the chemically activated methyl nitrite product, 
and the approximately pressure independent term (red line), corresponding to bimolecular 
product formation, and the HCHO branching ratio (grey dashed line) as a function of total 
gas density.   
 
Figure 6. 13: The extended Lindemann-Hinshelwood expression (E6.10) for the NO + 
ethoxy radical reaction, k6.6 as a function of [M] (N2) using the best fit parameters from fitting 
to experimental data (cyan line). Together with the calculated contributions to k6.6 from the 
pressure dependent term (black line), corresponding to collisional stabilisation of the 
chemically activated ethyl nitrite, and the approximately pressure independent term (red 
line), corresponding to bimolecular product formation, and the CH3CHO branching ratio 
(grey dashed line) as a function of total gas density.   
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From the relative contribution of channels R6.5a and R6.6a to the overall 
rate coefficient, the total yield of bimolecular products can be calculated. The 
yields of the bimolecular products HCHO (for R6.5) and CH3CHO (for R6.6) 
at 3.5 × 1016 molecule cm-3 of N2 bath gas are approximately 0.70 and 0.67 
respectively. Extrapolations of the expressions of the low pressure limiting 
rate coefficient for the NO + methoxy radical reaction by Frost and Smith 
(E6.3) and Caralp et al. (E6.4) are shown alongside the values obtained 
from the extended Lindemann-Hinshelwood fits to the data obtained in this 
study in Figure 6. 14.  
 
 
Figure 6. 14: The temperature dependence of the low pressure limiting rate coefficient for 
the NO + CH3O reaction in the literature, alongside the low pressure limiting rate coefficient 
obtained in this study from extended Lindemann-Hinshelwood fits to the experimental data. 
Blue line: extrapolation of E6.4 by Caralp et al.28 Red line: extrapolation of E6.3 by Frost 
and Smith.29 Open blue triangle: 298 K data point from extrapolation of experimental data by 
Dobe et al.30 Black open circles: low pressure limiting values from extrapolation of 
experimental data from this study . Higher value from fit with ka = 3.0 × 10-10 molecule-1 cm3 
s-1, lower value from fit with ka = 8.4 ×10-11 molecule-1 cm3 s-1. 
It can be seen from Figure 6. 14 that the low pressure limiting rate 
coefficients obtained in this work from the extended Lindemann-
Hinshelwood expression are in reasonable agreement with the predicted 
values from the expressions by Caralp et al. and Frost and Smith.28,29 The 
value obtained using ka = 3.0 × 10-10 molecule-1 cm3 s-1 is in excellent 
agreement with the predicted value from the temperature dependence 
expression by Caralp et al. 28 This suggests that at low temperatures the 
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mechanism is as expected from the higher temperature data, and the 
reaction is likely to proceed via a submerged barrier to bimolecular products.  
For the NO + ethoxy radical reaction, there are currently no analogous low 
pressure limiting rate coefficient expressions or data and so it is not possible 
to draw a direct comparison to the literature. However, it can be seen from 
Figure 6. 13 that at low temperatures, the low pressure limiting rate 
coefficient is large ((6.4 ± 1.1) × 10-11 molecule-1 cm3 s-1) and larger than the 
high pressure limiting values reported in the literature.26 
Under the experimental conditions of this study, the branching ratio to 
bimolecular products is significant, but product detection is desirable to 
confirm this. Aldehydes such as the products of R6.5 and R6.6 are 
detectable via laser induced fluorescence spectroscopy, although the 
absorption cross sections are relatively small and decrease for larger 
species, and acetaldehyde has an absorption cross section (4.9 × 10-20 cm2 
molecule-1 at 290 nm) than is around a factor of four weaker than that of 
formaldehyde (2.1 × 10-19 cm2 molecule-1 at 353 nm). 50,51 In this work, the 
HCHO product of R6.5 has been temporally detected via LIF spectroscopy 
and a bimolecular rate coefficient obtained from its growth kinetics, as 
discussed below. 
 
6.3.2 HCHO detection experiments 
Formaldehyde (HCHO) has been detected as a reaction product via LIF by 
several studies including those performed in this laboratory, and is usually 
probed via the Ã1A2←X̃1A1 (!4 = 1 ← 0) band at ~ 353 nm, which 
corresponds to a n → p* transition in the carbonyl bond.52-54 The UV 
absorption structure of this band was first identified and characterised in 
1932 by Dieke and Kistiakowsky.55,56 
According to the extended Lindemann-Hinshelwood fit to the pressure 
dependence data (Figure 6. 12), the branching ratio of HCHO is largest at 
the lowest gas density (3.5 × 1016 molecule cm-3, 88 K). Therefore these 
were the conditions utilised to attempt detection of the HCHO product. 
To obtain the wavelength of the strongest HCHO LIF transition at low 
temperatures and to ascertain that HCHO was indeed the species being 
probed, the wavelength of the Nd:YAG pumped dye laser was tuned to be 
resonant with the  !4 = 1 ← 0 vibrational band of the Ã1A2←X̃1A1 electronic 
transition and was set to a fixed delay time of ~ 200 µs after the photolysis 
laser. The probe laser was scanned over 352.500 – 354.000 nm at 0.001 nm 
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increments and the laser excitation spectrum recorded with two shots per 
point. The off-resonance fluorescence was collected by a PMT (Thorn EMI 
9813QB) fitted with a wide bandpass interference filter (Thor labs 400 ± 40 
nm). The spectrum was normalised for probe laser power, which was 
monitored by a photodiode. The concentrations of the precursors and 
reagents was as follows: NO = 1.4 × 1014 molecule cm-3 and methyl nitrite = 
4.7 × 1013 molecule cm-3. The resultant spectrum is shown in Figure 6. 15 
and the line that was subsequently utilised for kinetics studied is labelled.  
 
 
Figure 6. 15: Laser excitation spectrum of formaldehyde obtained  from the reaction of NO + 
methoxy radicals corresponding to the  410   Ã
1A2←X̃1A1 band obtained at 88 ± 5 K, N2 = (3.5 
± 0.5) × 1016 molecule cm-3, recorded at 0.001 nm increments with 2 shots per point. [NO] = 
1.4 × 1014 molecule cm-3 and [methyl nitrite] = 4.7 × 1013 molecule cm-3. Blue band: The 
rotational transition at 352.9 nm (13,3 ← 12,3 (j,k)) in the rQ3 branch utilised for kinetics in 
this work. Grey band: The transition at 353.1 nm due to a combination of rotational 
transitions utilised previously by Gravestock et al. and Stone et al.52,57,58 Wavelength given 
in air. 
The vibronic band position as shown in Figure 6. 15 is in good agreement 
with the literature including those reported by Stone et al., Burket et al. and 
Gravestock et al. 51-53,57,59,60 Under the low temperature conditions at which 
this spectrum was recorded, it was found that the maximum LIF intensity in 
the vibronic band was at 352.9 nm, rather than at 353.1 nm which was 
identified previously from spectra recorded at room temperature and 
above.51-53,57,58 To the authors knowledge there are no low temperature LIF 
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spectra of the !4 = 1 ← 0 Ã1A2←X̃1A1 band of HCHO to directly compare 
with the spectrum obtained here. However, the rovibrational transition 
utilised by Stone et al. and Gravestock et al. for room temperature kinetic 
studies can also be seen in the spectrum obtained here, and is assigned 
alongside the band utilised in this work in Figure 6. 15.52,53,58 Both of these 
transitions belong to the rQ3 branch of the vibronic band. It should also be 
noted that a wavemeter was utilised to correct the wavelength of the 
spectrum.  
To provide further evidence that the formaldehyde is indeed being formed as 
a product from R6.5, the pseudo first order kinetics of HCHO production 
were monitored at various NO concentrations. Due to the PMT overload at 
early reaction times from the photolysis laser, two traces were obtained for 
each kinetic run: (1) with both the photolysis (excimer) and probe (dye) 
lasers, and  (2) with the photolysis laser only. This enabled the overload of 
the PMT from the excimer laser at early times (recorded in trace 2) to be 
removed from the kinetic traces, an example of trace type (2) is shown in 
Figure 6. 16. 
 
 
Figure 6. 16: Signal obtained in the absence of the probe laser (trace type (2)) due to the 
early time overload of the PMT by the excimer laser. The effect of the overload extends to ~ 





As it can be observed from Figure 6. 16, the effect of the PMT overload 
extends out to ~ 75 µs, and even when the trace (2) is subtracted, some 
recovery of the PMT at short delay times is still evident (up to ~ 75 µs) and 
therefore the kinetic traces were only analysed from 100 µs onwards.   
After the excimer-induced signal was subtracted from the two-laser trace, 
each resultant growth trace, purely due to HCHO LIF, was fitted with an 
exponential growth expression, E6.11.  !"!# ! = !!.! !"!!"##!!!.! !" !"!# !! !!!!.! !" ! − !!!!"##!   E6.11  
where [HCHO]t is the relative formaldehyde concentration at a given laser 
delay time, k6.5[NO] is the pseudo first order rate coefficient for R6.5 at a 
given NO concentration,  [HCHO]m is the maximum signal (relative 
concentration), kloss is the pseudo first order loss rate coefficient for HCHO 
from diffusion, and t is the reaction time. This equation is adapted from the 
Pilling and Seakins.61  
The kloss value, corresponding to diffusion, was fixed at 1500 s-1 for the 
analysis of all traces as this was an average kloss value obtained for CH3O 
from the intercept of the bimolecular plot for CH3O + NO under these 
conditions. The HCHO LIF traces were fitted with E6.11 from 100-250 µs. An 
example of a fitted HCHO trace alongside a CH3O loss trace fitted with E6.8 
from the reaction of CH3O with NO ([NO] ~ 3.3 × 1011 molecule cm-3) are 
shown in Figure 6. 17. The HCHO fit has been simulated to 0 µs using the 
Origin 7 software to demonstrate that the fit predicts zero HCHO at time 
zero. The obtained pseudo first order rate coefficients for these traces are 
within error of one another. HCHO traces were recorded at a range of NO 
concentrations and the resultant bimolecular plot of kobs versus [NO] is 
shown in Figure 6. 18. 
The bimolecular rate coefficient obtained from the HCHO kinetic traces (3.4 
± 3.0) × 10-11 molecule-1 cm3 s-1) was found to be within error of the methoxy 
radical loss kinetics bimolecular rate coefficient at this temperature and 
density ((3.5 ± 0.6) × 10-11 molecule-1 cm3 s-1). Whilst the error in the 
bimolecular rate coefficient is significantly larger than for that obtained via 
the CH3O  traces, it provides further evidence for the formation of 
formaldehyde as products from the reaction. The large error in the HCHO 
kinetics is in part due to the difficulty in observing formaldehyde fluorescence 
via LIF spectroscopy, the absorption cross section of formaldehyde at ~ 353 




Figure 6. 17: CH3O decay trace (black open circles) and formaldehyde growth trace (red 
open circles) obtained at ~ [NO] = 3.3 × 1011 molecule cm-3. Grey line: fit of E6.8 to the 
CH3O trace yielding a pseudo first order rate coefficient of 9949 ± 1981 s-1. Black line: fit of 
E6.11 to the HCHO trace yielding a pseudo first order rate coefficient of 12663 ± 2245 s-1. 
The HCHO trace has an early time recovery from PMT overload up to ~ 75 µs and so 
analysis is not started until 100 µs, but the fit is extrapolated to demonstrate the expected 
temporal profile.  
 
Figure 6. 18: Variation of kobs with NO concentration for the reaction of NO with methoxy 
radicals, obtained at 88 ± 5 K and a density of (3.5 ± 0.5) × 1016 molecule cm-3 obtained via 
LIF spectroscopy of HCHO products. This is plotted together with a weighted linear least 
squares fit of E6.8 to the data, the gradient of which yields the bimolecular rate coefficient, 
k6.5= (3.4 ± 3.0) × 10-11 molecule-1 cm3 s-1. A non-weighed fit to the data yields a value of 
k6.5= (3.4 ± 1.0) × 10-11 molecule-1 cm3 s-1. The green dashed lines represent the upper and 
lower 95 % confidence limits. The overall error in the bimolecular rate coefficient is the 95% 
confidence limits propagated with the error in the determination of the total density from the 
impact pressure measurements. 
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The yield of HCHO from R6.5 has not been experimentally determined in 
this work owing to the lack of well characterised reactions at low 
temperatures with a known yield of HCHO as an internal standard. Whilst 
HCHO could be added to the Laval nozzle apparatus at a known 
concentration and the LIF signal height utilised as a calibration method, 
formaldehyde is known to stick to metal surfaces, such as the gas delivery 
lines, the ballast tank, the pulsed valves and the nozzle itself. This would 
create contamination issues and so the branching ratio obtained via this 
method would be subject to great uncertainty.  
 
6.4 Summary 
The first studies of alkoxy radical reactions kinetics below 284 K have been 
reported in this work. The rate coefficients for both the NO + methoxy radical 
and NO + ethoxy radical reactions were found to exhibit modest pressure 
dependencies, which is consistent with the previous higher temperature 
observations. The pressure dependent component of the rate coefficients 
corresponds to the formation of an alkyl nitrite (RONO) which is collisionally 
stabilised into a deep well (~ 164-177 kJ mol-1 for CH3ONO).  
Extended Lindemann-Hinshelwood fits to the rate coefficients obtained for 
both reactions revealed pressure independent components, which are 
consistent with the bimolecular reaction yielding molecular products (HNO + 
aldehyde). The low pressure limiting rate coefficient for the ethoxy radical 
reaction has not previously been reported and so no direct comparisons can 
be made to the literature. However, the pressure independent component at 
89 K is higher than any rate coefficient previously reported for this reaction 
over the temperature range studied, confirming the inverse temperature 
dependence of this reaction. For the methoxy radical reaction, the low 
pressure limiting rate coefficient at 89 K was found to be around an order of 
magnitude greater than that obtained by Caralp et al. at 298 K.28 
Extrapolation of the temperature dependence expression for the low 
pressure limiting rate coefficient derived by Caralp et al. was in good 
agreement with the experimentally obtained value reported here, suggesting 
that the reaction indeed proceeds via a submerged barrier to reaction and 
that the mechanism operating at low temperatures is the same as at higher 
temperatures. 
Further analysis of the extended Lindemann-Hinshelwood fits to the data 
reveal that at 88 K and a total gas density of 3.5 × 1016 molecule cm-3, the 
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yields of the bimolecular products for both reactions are high : 0.70 for the 
methoxy radical reaction and 0.67 for the ethoxy radical reaction.  
Detection of the formaldehyde product from the methoxy radical reaction via 
laser induced fluorescence spectroscopy acted as an additional confirmation 
that the bimolecular reaction is indeed operating at these low temperatures.  
This work has demonstrated that at very low temperatures, the reaction of 
NO with alkoxy radicals is fast, and the low pressure limiting rate coefficient 
is active and, compared to the 298 K value, is significantly enhanced. 
Therefore, in the low temperature and low pressure interstellar environments 
where alkoxy radicals and NO have been detected, the reaction of NO with 
alkoxy radicals may be operating, and yielding bimolecular products such as 
HCHO and HNO. Given that CH3O, NO, HCHO and HNO have all been 
observed in Barnard-1 molecular cloud, the reaction of NO and CH3O should 
be considered for inclusion in astrochemical models.42,46,63 
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Chapter 7. Experimental determination of the high pressure 
limiting rate coefficient at low temperatures via the proxy 
method 
 
7.1 Background and previous proxy method studies 
Chapters 3-5 of this thesis have reported and discussed the kinetics of 
reactions of hydroxyl radicals with neutral species at low temperatures. 
These reactions are found to be operating via a common mechanism, which 
initially proceeds by the barrierless formation of a weakly bound complex. 
This complex has three possible fates following formation: re-dissociation 
back to reactants, reaction forming bimolecular products (for example via 
tunnelling), or collisional stabilisation into the pre-barrier well. At the high 
pressure limit (corresponding to k∞) of these reactions, the rate determining 
step will be the formation of the complex, ka as shown in Figure 7. 1. 
 
Figure 7. 1: Generic potential energy surface illustrating the microscopic processes involved 
in the reaction at the high pressure limit. 
Obtaining the high pressure limiting rate coefficient of reactions featuring an 
association step is of importance to combustion and atmospheric chemistry, 
where reactions may be at or approaching this value. Whilst in the context of 
astrochemical environments it is largely the low pressure limiting rate 
coefficient of these type of reactions that will be relevant, the high pressure 
limiting rate coefficient is still an important parameter required to model 
these reactions via master equation calculations or by simple fitting of the 
 199 
data to an extended Lindemann-Hinshelwood mechanism. Additionally, 
obtaining the high pressure limiting rate coefficient  serves to demonstrate 
that the experimentally obtained rate coefficients are in the fall-off regime or 
low pressure limit. However, only a limited pressure range can be attained 
using the Laval apparatus and so, as evident from the pressure dependence 
studies presented in this thesis, the high pressure limiting rate coefficient 
may not always be obtained via conventional methods.  
The proxy method, developed by Jaffer and Smith and by Quack and Troe, 
has been employed to obtain a lower limit to the high pressure limiting rate 
coefficients of some of the OH reactions studied in this work.1,2 The 
theoretical basis for this method and the experimental implementation 
utilised here are discussed below.   
If a reaction involves the formation of a complex, then providing there is no 
potential barrier along the path to its formation, the rate of formation of the 
complex is unlikely to depend on the initial vibrational states of the reactant 
species.1 If there is a barrier to the formation of the complex, then vibrational 
excitation may enhance the rate of association.3 Assuming that the complex 
is sufficiently long lived and the ergodicity principle applies (energy is 
randomised rapidly amongst the modes of the complex compared to reaction 
or redissociation), then if the complex redissociates to reactants, the 
reactant species will return in the vibrational ground state.1,4 If the ergodic 
assumption holds, then the rate limiting step to vibrational relaxation is the 
formation of the complex, ka, which is also the high pressure limiting rate 
coefficient, k∞ (see Figure 7. 1). Therefore, by producing and state 
selectively monitoring (via laser induced fluorescence for example) one of 
the reactants in a vibrationally excited state, the high pressure limiting rate 
coefficient can be obtained. Figure 7. 2 below illustrates the process 
described above for the reaction between OH and a co-reactant, R. 
 
Figure 7. 2:Schematic demonstrating the principle of the proxy method for reactions of OH 
with R whereby a weakly bound complex is formed.  
The proxy method predicts that due to the ergodicity assumption, during the 
lifetime of the complex, full intramolecular vibrational relaxation (IVR, as 
defined by Smith in the context of relaxation via the formation of a complex5) 
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will occur throughout the modes of the weakly bound complex and so the 
rate coefficient obtained for k∞ should be independent of the initial vibrational 
state. Therefore, it would be predicted that the measured rate coefficients 
k(v=1)=k(v=2)=k(v=3) and so on. Whilst vibrational relaxation can occur 
through collisions, this process is relatively inefficient, hence fast relaxation 
of OH(v) will only occur through formation of the complex.  
The proxy method has previously been implemented for several studies – 
primarily using LIF spectroscopy for the vibrational state selective monitoring 
of the radical reactant . A selection of these studies are summarised below. 
The pioneering study in this field was performed by Jaffer and Smith on the 
reactions of OH(v=1) with NO (R7.1) and NO2 (R7.2) at 298 K.1 Following 
the photolysis of HNO3 in a flowtube reactor to yield OH(v=0), OH(v=1) was 
selectively formed via optical pumping, and subsequently monitored via LIF 
spectroscopy. !" ! = 1 + !" → !" ! = 0 + ! "     R7.1 !" ! = 1 + !"! → !" ! = 0 + !!"!     R7.2 
Good agreement was found between the OH(v=1) rate coefficients and the 
extrapolated high pressure limiting values obtained by Anastasi and Smith, 
suggesting that the reactions were indeed proceeding via a strongly bound 
complex facilitating redistribution of the vibrational energy.6,7 Following this 
work, Smith and Williams studied the room temperature kinetics of OH(v=1) 
with HNO3 and H2O using the same experimental technique employed by 
Jaffer and Smith.1,8 Fast deactivation rate coefficients on the order of 10-11 
molecule-1 cm3 s-1 were obtained for HNO3 and H2O, whereas the 
deactivation by Ar was found to have an upper limit of 10-15  molecule-1 cm3 
s-1,  providing further evidence for vibrational relaxation being promoted by 
the formation of a collision complex.8  
Low temperature proxy method studies have also been performed by the 
group of Sims and Smith using a CRESU apparatus coupled to PLP-LIF, for 
example, for the reactions of CH(v=1).9  !" ! = 1 + !" → !" ! = 0 + !!"     R7.3 !" ! = 1 + !! → !" ! = 0 + !!!     R7.4 
Herbert et al. studied the rate coefficients of CH(v=1) with CO and N2 down 
to 23 K and observed a slight negative temperature dependence with room 
temperature values of 9 × 10-11 molecule-1 cm3 s-1 for R7.3 and 3 × 10-11 
molecule-1 cm3 s-1 for R7.4.9 At 584 K, the rate coefficient for reaction with N2 
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(R7.4) was found to be notably slower than for the CO reaction (R7.3), 
suggesting that the HCN2 complex has a lifetime that is too short for full 
energy redistribution from the high frequency C-H vibration to the low 
frequency modes of the complex to occur. Therefore on redissociation of the 
complex, some of the CH reactant is returned in its v=1 vibrational state. 
However, the values obtained above 300 K were found to be in reasonable 
agreement with the high pressure limiting values obtained by Fulle and 
Hipler for the same reaction by conventional pressure dependence studies in 
helium bath gas.9-11 On consideration of these results, Smith commented 
that when the binding energy of the complex is less than ~ 10RT, the 
timescale for vibrational relaxation amongst the modes of the complex 
becomes comparable to the lifetime of the complex, and therefore full 
relaxation may not occur during the complex lifetime.5 Therefore, for a given 
complex binding energy, at lower temperatures, full  IVR is more likely to 
occur due to the extended lifetime of the complex. This is supported by the 
work of McCabe et al. on the reaction of OH(v=1) + HNO3, who concluded 
that IVR was on a similar timescale as the rate of redissociation of the 
complex.12   
Brownsword et al. performed studies of the reactions of CH(v=1) with H2 and 
D2  between 13-295 K using the same experimental methods as Herbert et 
al.9,13 No dependence on pressure and a mild negative temperature 
dependence was observed, providing evidence for the formation of the 
complex via a purely attractive potential to form the CH3* complex.13 The 
high pressure limiting rate coefficient obtained for CH + H2 at 295 K was 
found to be in good agreement with the value measured by Berman and Lin 
through pressure dependence studies.14 
Not all of the existing experimental studies performed are supportive of the  
proxy method hypothesis whereby full vibrational relaxation via complex 
formation is assumed to be fast. Silvente et al. have performed extensive 
studies on the reactions of OH in several vibrationally excited states at room 
temperature.4 The reactions of H2O and CH4 with OH (v=1,2,3) and 
NH3,CS2, (CH3)2S, CH3SH and CH3Br with OH (v=1,2) have been studied by 
using laser induced fluorescence spectroscopy of OH, where OH(v) is 
produced from the reaction of O(1D) with the co-reactant.4 It was found that 
the deactivation rate coefficients were enhanced with increasing quanta of 
vibrational excitation of OH. This is inconsistent with the theoretical basis of 
the proxy method. A cascading effect whereby vibrational relaxation of the 
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hydroxyl radical occurred at single-quantum changes was observed, which is 
consistent with SSH theory which will be discussed below.15 
A cascade mechanism (characterised by early time growth in the OH(v) 
kinetic traces) was also observed by McKee et al. in the study of OH(v=1,2) 
+ C2H2, whereby OH(v≤4) was produced from the O(1D) + H2 reaction and 
subsequently probed via LIF spectroscopy.3 Earlier studies by Glass et al. 
examined the reactions of vibrationally excited OH with H2O, HCl, D2, 
CH4,NH3, HBr, O and CO.16,17 The reactions of O with HBr and H with NO2 
were utilised to produce OH in vibrational states up to v=1 and v=3 
respectively, and OH(v) was subsequently state selectively monitored by 
EPR (electron paramagnetic resonance) spectroscopy.16-18 A dependence of 
the deactivation rate on the initial vibrational state was observed, with the 
deactivation rate increasing with increasing vibrational quanta. It was also 
noted that vibrational relaxation was most favourable where ΔE was smallest 
between the initial and final vibrational states of both OH and the co-
reactant. Both of these observations are supportive of SSH type theory.15  
 
7.1.1 SSH theory of vibrational energy transfer 
Schwartz, Slawsky and Herzfeld (SSH) theory, initially developed in 1952, is 
a quantum mechanical theory used to treat vibrational energy transfer, 
where collisions are treated as de Broglie waves.15,19 The intermolecular 
potential used for SSH theory is described by E7.1, where r is the 
intermolecular distance, ϵ is the attractive potential energy between the 
molecules and α is an experimentally derived Lennard-Jones parameter, the 
values of which is fitted to E7.1.  ! ! = ! "#$ −!" − !       E7.1 
The  original equation used to calculate the probability of transfer between 
sets of vibrational energy levels developed by Schwartz, Slawsky and 
Herzfeld is complicated, and has been simplified by Tancos to give two 
limiting cases based on the parameter ΔE.19,20 For V-V (vibration-vibration) 
transfer, between two molecules, denoted ‘a’ and ‘b’, from vibrational levels i 
to j and k to l respectively. ΔE is the energy distributed to translational 
energy and is the difference between the energies of the initial and final 
vibrational states (E7.2) of both a and b. ∆! = ℎ!! ! − ! + ℎ!! ! − !       E7.2 
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For V-T transfer, where only molecule a undergoes a change in vibrational 
level,  ΔE is described by E7.3. ∆! = ℎ!! ! − !         E7.3 
where ν is the frequency of a given vibrational mode. When ΔE is large (> 
200 cm-1) the probability of energy of transfer between the levels is 
described by E7.4. When ΔE ≤ 50 cm-1, the frequencies are considered to 
act as if resonant and the probability of transfer is described by E7.5.19,20  !!!! !!!! ! = !! ! !! ! !!! ! !!" ! ! !!" ! !!8 !3 !.! 
× 8!!!∆!!!ℎ! ! ∆!!!!!2!!ℏ!!!! !! ×!!"# − 3∆!!!!!2!!ℏ!!!! + !!!! + ∆!2!!! !
E7.4 
 !!!! !!!! ! = !! ! !! ! !!!! ! .!!!! ! !. !"!!!!!!!!!! !"# !!!!!    E7.5 
The parameters used in E7.4 and E7.5 are as follows: P0 are the steric 
factors which account for the efficiency of different collision orientations. The 
vibrational factor, [Vij(a)]2, indicates the coupling between states i and j, and 
is described below for transitions of different vibrational quanta. kB, µ ,T and 
h are the Boltzmann constant, reduced mass of colliding species, 
temperature and Plancks constant respectively. rc is the turning point of the 
intermolecular potential described in E7.1 and σ is a Lennard-Jones 
parameter also derived from experimental data.  
The expression for the vibrational factors, [Vij(a)]2, is dependent on the 
change in vibrational quanta. The expressions for quanta changes of 0,1 and 
2 are given in E7.6-E7.8 accordingly.  !!!! ! = 1         E7.6 !(!!!)!! ! = !!!(!!!) ! = !2(!2)(! + 1)/2(4!2!/ℎ)  E7.7 !(!!!)!! ! = !!!(!!!) ! = !4(!4)(! + 1)(! + 2)/16(4!2!/ℎ)2 E7.8 
where (Ā2) is the vibrational amplitude coefficient which is the displacement 
of an atom from the normal co-ordinate for a given vibration. From E7.6-
E7.8, it can be seen that the value of the vibrational factor decreases with 
increased quanta jumps, and so SSH theory predicts that for V-V transfer, 
single quanta jumps are most probable. The probability of transitions 
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between the vibrational levels has an inverse dependence on ΔE, as shown 
in E7.4, and so IVR will be more effective between modes with similar 
vibrational frequencies.  
E7.5 describes the probability of transfer between resonant states and so 
does not have a ΔE parameter. Resonant transfer is predicted to be much 
faster than the non-resonant case. Therefore IVR involving resonant modes 
is more likely to approximate the proxy method so that the rate coefficient 
becomes independent of the quanta of vibrational excitation, as IVR is 
assumed to be fast with respect to the rate of dissociation of the complex.19 
However, there is an inverse dependence on the frequency of the vibrational 
level, which comes from the vibrational factor (E7.6-7.8). As the frequency of 
the mode which vibrational energy is to be transferred from increases, the 
vibrational factor decreases. Thus for resonant transfer, transition between 
low frequency modes will have the highest probability.19   
For a set of one quanta vibrational deactivations, for example OH(v=3→2), 
OH(v=2→1) and OH(v=1→0), a first approximation of the relative rate 
coefficients of these processes can be obtained from E7.7, as [V(i+1)-i]2 is 
proportional to (i+1)/2. Ratios of k(v=3)=1.5k(v=2)=3k(v=1) are predicted, 
which is in contrast to the k(v=3)=k(v=2)=k(v=1) ratios predicted by the proxy 
method. What is evident from this is that the limiting step in the mechanism 
for OH(v) + R according to the proxy methodology is the formation of the 
complex. In SSH theory, given that the rate coefficient for vibrational 
relaxation increases with increasing vibrational excitation, it may be the rate 
coefficient for vibrational relaxation that is the limiting step. Therefore, if the 
rate coefficients are observed to increase with increasing vibrational 
excitation, the rate coefficient obtained at the highest vibrational excitation is 
the lower limit to the association rate coefficient and hence k∞. 
The probability of transition (E7.4, E7.5) exhibits a dependence on the 
reduced mass of the species (a and b) between which energy transfer 
occurs, and so the probability of energy transfer will increase for larger 
species. Therefore, for increasingly large species, it is anticipated that the 
obtained rate coefficients for OH(v) + R via the proxy method will tend more 
towards the high pressure limiting rate coefficient for the OH + R reaction as 
IVR within the weakly bound complex is no longer rate limiting.  
The proxy method has been implemented for the first time for OH reactions 
at low temperatures by Shannon.21 Shannon studied the reactions of 
OH(v=1,2,3) with acetone, dimethyl ether and acetylene at 93 K, and with 
methanol at 93 K and 63 K, using O(1D) + H2 as a precursor of vibrationally 
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excited OH radicals. Shannon found that the obtained rate coefficients 
exhibited a positive dependence on the vibrational excitation of OH. 
However, the ratios of the rate coefficients for the reaction of OH in different 
quanta of vibrational excitation (in other words k(v=1)/k(v=3)) did not adhere 
to the ratios predicted by SSH theory for any of the reactions studied.15,19,21 
Two overall trends were observed by Shannon: as the temperature was 
decreased, and as the co-reagent size was increased, the values of k(v=1) 
and k(v=3) converged. This is rationalised by the extended lifetime of the 
complex between OH and the co-reactant, therefore enhancing the 
probability of full vibrational relaxation amongst the modes of the complex.21  
Higher temperature proxy method studies have mostly been conducted for 
reactions where the complex is relatively strongly bound (≤ 45 kJ mol-1) as 
the longer the lifetime of the complex, the more likely that vibrational 
relaxation will be competitive with the redissociation of the complex.5 
Shannon obtained the lifetime of some OH-R complexes with respect to 
redissociation using master equation calculations. For the OH-methanol 
complex (binding energy of 20-24 kJ mol-1) the 93 K lifetime is enhanced by 
over 5 orders of magnitude compared to room temperature with a lifetime of 
~ 2 × 10-7 s at 93 K.21-23 For the OH-DME complex (binding energy of ~ 29.8 
kJ mol-1) , the lifetime is enhanced by over 6 orders of magnitude with a 93 K 
lifetime of ~ 1 × 10-4 s.21,24,25 The lifetime of the OH-acetone complex 
(binding energy ~ 18.4-22.2 kJ mol-1) is enhanced by nearly 7 orders of 
magnitude with ~1 × 10-3 s lifetime at 93 K.21,25-27 Whilst it is anticipated that 
the lifetime of the complex will be significantly shorter for complexes where 
the hydroxyl radical is vibrationally excited, owing to the additional energy 
the vibrational excitation brings, the significant enhancement of the lifetimes 
at low temperatures for these weakly bound complexes illustrates that 
despite the complexes having only a relatively small binding energy, they 
have a significant lifetime compared to the vibrational period of the OH 
stretch (~3828 cm-1 according to the calculations of Xu and Lin,23 giving a 
period of ~ 1 × 10-14 s). Hence IVR throughout the modes of the weakly 
bound complex should be competitive with the redissociation of the complex 
for low temperature reactions where complexes of this nature are formed.23 
Prior to the work of Shannon, Smith commented that for vibrational 
relaxation to compete with redissociation of a weakly bound complex, the 
complex should have a lifetime sufficient that it will survive many vibrational 
periods, and this may only be achieved at very low temperatures.5 However, 
Smith also added that if vibrational relaxation occurs at one quanta steps, in 
other words via a SSH mechanism, then the complex lifetime may not be 
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sufficient to allow full vibrational relaxation due to the enhanced internal 
energy of the complex, and therefore only partial vibrational relaxation may 
be observed.5  
In this work, the kinetics of OH(v=1,2,3) with ethanol and propan-2-ol at 89 
K, OH(v=1) with methanol at 88 K, and OH(v=1) with ammonia at 56 K have 
been studied.  !" ! > 0 + !!!!!!!" !!!!7.6!!!!!!!!" ! = 0 + !!!!!!!"  R7.6 !" ! > 0 + !"!!"(!")!"! !!!!7.7!!!!!!!!" ! = 0 + !"!!"(!!)!"! R7.7 !" ! > 0 + !"!!" !!!!7.8!!!!!!!!" ! = 0 + !"!!"   R7.8 !" ! > 0 + !"! !!!!7.9!!!!!!!!" ! = 0 + !"!    R7.9 
Given the enhanced lifetimes of comparable complexes calculated by 
Shannon and the comments by Smith, it is anticipated that at least partial 
vibrational relaxation will occur and so a lower limit to the high pressure limit 
may be obtained. 
 
7.1.2 Data fitting 
Prior to presenting the experimental methods utilised for this work, the 
rationale behind the data fitting method will first be discussed in light of 
previous experimental observations, The cascade effect observed by McKee 
et al.,3 Silvente et al.4 and Shannon21 leads to complications in data fitting. 
To fully account for the energy transfer processes involved, including 
reaction of the complex to yield bimolecular products, requires a multi-
exponential fitting equation to be deduced. Considering only one quanta 
changes, Shannon and Silvente et al. utilised the integrated solution to E7.9 
for fitting.4,21 Note that the rate coefficients given below are pseudo first 
order, as the co-reactant is assumed to be in great excess of OH(v). ! !" !!!!" = !!! !" ! = ! + 1 + !!!! O(!!) − !!! + !!! !" ! = ! −!!"##[!" ! = ! ]        E7.9 
The parameters of E7.9 are as follows: kw’ is the pseudo first order rate 
coefficient for vibrational relaxation from OH(v=i+1) to the level of interest 
(bimolecular reaction is R7.10). !" ! = ! + 1 + ! !!!!!!!!!!!!" ! = ! + !     R7.10 
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kx’ is the pseudo first order rate coefficient for the initial formation of OH into 
the level of interest from the reaction of O(1D) with H2 (which in excess of 
O(1D)), with yield ɸ (bimolecular reaction is R7.11). !(!!)+ !! !!!!!!!!!!! ! "#! ! = ! + ! ! ! ! ! ! R7.11 
ky’ is the pseudo first order rate coefficient for the relaxation of OH(v=i) to the 
level below (bimolecular reaction is R7.12). !" ! = ! + ! !!!!!!!!!!!!" ! = ! − 1 + !     R7.12 
kz’ is the pseudo first order rate coefficient for loss of OH(v=i) via reaction 
with the co-reagent following the formation of the complex to yield 
bimolecular products.  !" ! = ! + ! !!!!!!!!!!! !"#$%&'(      R7.13 
kloss is the rate coefficient for the diffusional loss of OH(v=i) (R7.14)  !" ! = ! !!!!!"##!!!!!! !"##       R7.14 
The integrated solution to the differential equation can be seen in the work of 
Silvente et al. or Shannon.4,21 
To obtain a rigorous fit of this equation to the data requires the measurement 
of rate coefficients for all of vibrational redistribution processes accounted 
for. For the reaction of O(1D) + H2, utilised by Shannon to produce OH(v), 
OH can be produced in vibrationally excited states up to v=4.21,28 To obtain a 
robust fit to the data would require measurement of the vibrational 
deactivation of OH(v=4), and then utilising that value in the fitting of the 
OH(v=3) data and so on and so forth. Furthermore, whilst SSH theory states 
that vibrational energy transfer by one quanta is most probable (as shown in 
E7.6-E7.8), there is also the possibility of multiple quanta energy jumps 
which is not accounted for in this fitting equation.15  
Given that SSH theory predicts faster relaxation of higher vibrational levels, 
if a cascade mechanism is operating, it will be predominantly the early time 
data of lower vibrational levels that is perturbed by growth from the 
relaxation of higher levels.3,15,21 Attempting to fit a single-exponential decay 
trace to the full temporal profile of OH(v) would retrieve a rate coefficient that 
is lower than the true value.3 However, by fitting the data with a single-
exponential decay trace from sufficiently long delay times, the decay 
component is no longer significantly perturbed by the cascade of higher 
vibrational levels into the probed vibrational level.  !" ! = ! = [!" ! = ! ]!exp!(−!!"#!)     E7.10 
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where  !!"# = (!!! + !!!)+ !!"## = (!! + !!) ! + !!"##    E7.11 
ky is the rate coefficient for the relaxation of OH(v=i) to the level below 
(R7.12), kz is the rate coefficient for loss of OH(v=i) via bimolecular reaction 
with the co-reagent (R7.13), and kloss is the diffusional loss of OH(v=i) 
(R7.14). 
To deduce the robustness of the values obtained from the fit of the 
integrated solution of E7.9 to the temporal profile of OH(v), Shannon also 
fitted E7.10 to the data from 75 µs onwards. Agreement between the two 
fitting equations within the errors of the retrieved values was seen by 
Shannon, demonstrating that that fitting an exponential loss equation at long 
times is satisfactory.  Additionally, this supported by the work of McKee et al. 
who utilised E7.10 to fit to their OH(v=2) and OH(v=1) data from the reaction 
of OH(v) with acetylene, and through modelling, demonstrated that the fitted 
traces were not significantly perturbed by the cascade of higher levels, with 
a maximum of ~ 10 % effect.3,29 Silvente et al. reported that this fitting 
method would perturb the retrieved rate coefficient by a maximum of  ~ 5 %. 
3,4,29 
 
7.1.3 Reaction versus relaxation 
From the fitting of the data, the loss components of OH(v) from vibrational 
relaxation (ky) or reaction (kz) to yield bimolecular products following the 
formation of the complex cannot easily be resolved. For the purpose of 
obtaining the rate coefficients for IVR, this presents some complications and 
so the experiments at 89 K have been performed at the highest possible gas 
density to promote the stabilisation of the complex rather than the 
bimolecular reaction. With regards to obtaining the high pressure limiting 
rate coefficient, the inability to disentangle the rate coefficients for relaxation 
(ky) and reaction (kz) is effectively irrelevant ,as these processes both 
proceed via the initial formation of the complex (ka) at low temperatures, and 
it is the rate coefficient for the formation of the complex which is the high 




7.1.4 Enhancement of reaction by provision of vibrational energy  
Since the publication of the Polanyi rules in 1972, there has been a great 
deal of research into mode selectivity and promoting a reaction pathway by 
the provision of vibrational energy into a particular mode of a reactant.30 
Whilst a discussion of the large body of work conducted in this field is 
beyond the scope of this thesis, there are a number of reviews including 
those by Crim and by Zare.31-33  The challenge in mode selectivity is that IVR 
is often fast so the excess vibrational energy provided to a particular bond 
can be redistributed amongst the modes of the molecule or complex. Where 
mode selectivity has been successful, the vibrational modes of the molecule 
are uncoupled due to sufficiently different vibrational frequencies, and so 
IVR is uncompetitive. An example of this is the H + HOD reaction, where the 
O-H stretch is selectively vibrationally excited to promote the breaking of the 
O-H bond.33,34 It might be suggested that vibrational excitation of the 
hydroxyl radical may enhance the bimolecular reaction, but this excess 
energy is in the incorrect mode to do so as the O-H vibration is orthogonal to 
the reaction coordinate.  
The co-reactants of OH(v) contain either OH bonds or NH bonds, both of 
which have vibrational frequencies close enough to be coupled to the 
hydroxyl radical vibration, and so the probability IVR should be 
increased.23,35 However, the provision of additional energy to the reactants 
may also pose the problem to whether the reaction rate coefficient is 
enhanced simply by having sufficient energy to transcend the relatively low 
barriers to reaction (maximum ~ 13 kJ mol-1). McKee et al. discussed the 
possibility of vibrational excitation enhancing the bimolecular H-abstraction 
rate coefficient for the reaction of OH(v=1,2) with acetylene.3 The minimum 
energy pathway for the reaction of OH with acetylene features a deep well 
(131 kJ mol-1) corresponding to the stabilisation of the OH-acetylene 
complex, proceeded by a barrier to H-abstraction (59 kJ mol-1).3 The internal 
energy of OH(v=1) is not sufficient to overcome this barrier, but the energy of 
OH(v=2) lies 24 kJ mol-1 above the barrier.3,29 The OH bond is a spectator of 
the reaction and the rate coefficients for both the OH(v=1) and OH(v=2) + 
acetylene reactions were found to exhibit the same temperature 
dependence, thus it was concluded by the authors that the excess energy 
from OH(v=2) did not enhance the rate coefficient. McKee et al. state that for 
this vibrational excitation to enhance the reaction, the excess energy must 
not be distributed amongst the modes of the complex (HOC2H2) and so for 
this to occur IVR must be slow, which the authors concluded unlikely.3  
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In the systems studied in this work, the vibrational energy of OH(v=1,2 and 
3) are all sufficient to transcend the relatively low barriers to reaction and so 
such comparisons cannot be made. However, the experiments are carried 
out so that the other reactant species and bath gas are in great excess of 
the OH(v). OH is produced with a concentration on the order of ~ 1011 
molecule cm-3 in a total gas density jet of 1.1 × 1017 molecule cm-3. Using the 
concentration of OH, the relative energies of OH(v) in all the vibrational 
states (1,2,3 and 4) and the vibrational distributions from the reaction of 
O(1D) + H2, the total excess energy of the system can be calculated.28 If it is 
assumed that the vibrational energy can be distributed to all species 
(including the bath gas, N2), then the total additional energy transferred to 
each molecule is on the order of 0.09 J, which in terms of temperature is ~ 
0.01 K. Therefore, vibrational excitation of the O-H stretch of the hydroxyl 
radical will not enhance the reaction rate coefficient by thermal means. In the 
case of the ammonia reaction where OH(v) is produced up to v=3, assuming 
that the excess vibrational energy cannot be transferred to rotational modes 
or translational energy of the bath gas (for example, when the bath gas is Ar, 
which has no vibrational or rotational degrees of freedom) then the 
maximum change in temperature would be ~ 7 K. The work presented in this 
thesis has demonstrated at low temperatures, the rate coefficient for the OH 
+ R reactions exhibit an inverse temperature dependence and therefore, if 
the temperature was raised by 7 K, this would only serve to reduce, rather 
than enhance, the rate coefficient.  
 
7.2 Experimental procedure 
The general experimental procedure for kinetic studies is outlined in Chapter 
2 and so only a brief description is given here. The vapour pressure of the 
reactant (ethanol (Sigma Aldrich ≥ 99.8 %), propanol-2-ol (Fischer scientific 
> 99.5 %), methanol (Sigma-Aldrich ≥ 99.9 %) or ammonia (BOC 99.8 %)) 
was admitted to an evacuated cylinder and diluted with the bath gas 
(nitrogen (BOC, OFN) or argon (BOC, 99.8 %)) then allowed to mix 
overnight. Vibrationally excited OH was formed via the 248 nm photolysis of 
ozone in the presence of hydrogen, or just in the presence of ammonia for 
the OH(v>0) + ammonia reaction. Ozone was produced from the electrical 
discharge of O2 (BOC, 99.999 %) using an ozone generator (Fischer 
technology, OZ 500). The O2/O3 mixture was admitted into an evacuated 
cylinder where it was diluted with the bath gas (nitrogen or argon as before). 
After a mixing period, the O3/O2/bath gas mixture, H2 from the cylinder 
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(BOC) (with the exception of the ammonia reaction) and the alcohol/bath gas 
mixture were flowed through calibrated mass flow controllers into a stainless 
steel 2 L ballast tank where the reagent gases were allowed to mix. The gas 
mixture was expanded through the Laval nozzle via two pulsed solenoid 
(Parker series 9) valves at a rate of 5 Hz with ~ 20 ms pulse duration. For 
the 89 K experiments, the total flow rate of the gases was chosen to produce 
the highest density stable expansion (1.06 × 1017 molecule cm-3) so that the 
direct bimolecular channel will be less competitive. The vibrationally excited 
OH was formed from the pulsed laser photolysis of ozone via a 248 nm 
excimer laser (Lambda-Physik LPX) along the axis of the jet and the 
subsequent reaction of the photolytically produced O(1D) atoms with 
molecular hydrogen or ammonia. !! !!!"#!!"!! !(!!)+ !!       P7.1 !(!!)+ !! !!!!!!!!! ! "! ! > 0 + ! ! ! ! ! ! ! R7.10 !(!!)+ !"! !!!!!!!!! ! "! ! > 0 + ! !!     R7.11 
Aker and Sloan have demonstrated that R7.10 yields OH in vibrational 
states of v=4,3,2 and 1, with ratios of 13:25:32:29.28! Cheskis et al. have 
determined that from R7.11, OH is produced in vibrational states v=3,2,1 
and 0 with ratios 0.14:0.34:0.32:0.20.36 However Silvente et al. have shown 
that ammonia is a very efficient deactivator of vibrationally excited OH and 
IVR is rapid at 298 K (on the order of 10-10 molecule-1 cm3 s-1), therefore the 
cascade effect may be less pronounced for the OH + ammonia reaction.4 
For the OH + ammonia reaction, rate coefficients were obtained only for 
OH(v=1) as higher vibrational levels of OH could not be easily observed from 
R7.11. 
Experiments were performed under pseudo first order conditions, so that 
[R]>>[OH]. The relative OH concentration in a given vibrational state was 
monitored via LIF spectroscopy using a Nd:YAG (Litron LPY 664-10) 
pumped dye laser (Sirah Gmbh Cobra stretch) tuned to a wavelength 
resonant with a transition of a specific vibrational state of OH. For v=2 and 
v=3, the P1(1.5) rotational transition of the  Δv=-1 vibronic band, as 
employed by Silvente et al., was utilised using the frequency doubled output 
of the laser using Pyridine dye .4 For the v=1 work, the Q21(1.5) Δv=1 
rovibronic transition was utilised for a matter of experimental convenience, 
as this excitation wavelength could be readily obtained with the laser dye 
(Rhodamine-6G) utilised for the v=0 kinetic studies, and the frequency 
doubled output of the Pyridine dye is poor at the wavelength corresponding 
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to Δv=-1 for v=1. The transitions and corresponding excitation wavelengths 
used for this work are summarised in Table 7. 1 and example LIF spectra 
with the rotational transitions utilised for the v=2 and v=3 kinetics are shown 
in Figure 7. 3 and Figure 7. 4, respectively.  
 
Table 7. 1:Summary of laser induced fluorescence transitions and excitation wavelengths 








Figure 7. 3: Laser excitation spectrum of OH(v=2) formed from the reaction of O(1D) + H2 
following 248 nm photolysis of O3 with 280 mJ pulse energy. Recorded at  T = 88 ± 4 K and 
a total gas density of (1.1 ± 0.1) × 1017 molecule cm-3. The assigned rotational transition is 




Figure 7. 4: Laser excitation spectrum of OH(v=3) formed from the reaction of O(1D) + H2 
following 248 nm photolysis of O3 with 280 mJ pulse energy. Recorded at  T = 88 ± 4 K and 
a total gas density of (1.1 ± 0.1) × 1017 molecule cm-3. The assigned rotational transition is 
the line utilised for kinetic studies in this work.  
 
Following excitation, the off-resonance fluorescence (~ 308 nm via the (0,0) 
transition or ~312 nm via the (1,1) transition) was monitored using a PMT 
(Thorn EMI 9813QB) fitted with an interference filter (Barr Associates λmax = 
308.5 nm , 5 nm FWHM for v=1 and Barr Associates λmax = 309.0 nm , 8 nm 
FWHM for v =2,3). By varying the co-reagent concentration, several pseudo 
first order decay rate coefficients were obtained and the bimolecular rate 
coefficient for a given vibrationally excited state of OH deduced by the 
gradient of a plot of kobs versus the co-reactant concentration.  !!"# = (!!.! + !!) !!!!!!!" + !!"##!      E7.12 !!"# = (!!.! + !!) !!!!"(!!)!"! + !!"##    E7.13 !!"# = (!!.! + !!) !!!!" + !!"##      E7.14 !!"# = (!!.! + !!) !!! + !!"##      E7.15 
 
7.3 Results and discussion 
Examples of the temporal evolution of the OH(v=1), OH(v=2) and OH(v=3) 
LIF signals following production from the reaction of O(1D) with H2 (R7.10) or 
NH3 (R7.11) in the presence of a co-reagent are shown in Figures 5-8. 
Fitting of the pseudo first order traces was attempted using the multi-
exponential solution to E7.9, however, given that rate coefficients for the 
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O(1D) + H2 (or O(1D) + NH3) reaction and for the vibrational relaxation of 
OH(v=4) were unknown, and following on from the work of Shannon and 
McKee et al., the single exponential loss function (E7.10) to the data at later 
times was instead utilised.3,21 To minimise the effect of the cascade 
mechanism on the obtained value of kobs, the data were fitted from 
sequentially long delay times until the retrieved rate coefficient was found 
not to increase further. This method was also utilised by McKee et al. and in 
this work it was found that the data could be fitted with E7.10 from 80 µs 
onwards for all vibrational levels for OH(v) + methanol, ethanol and propanol 
and from 50 µs onwards for OH(v=1) + ammonia. Bimolecular plots for each 
reaction at each vibrational level, constructed from kobs versus co-reagent 
concentration, are shown in Figures 5-8. For the OH(v=1) + ammonia 
reaction, it was not possible to measure the loss rate coefficient of OH(v=1) 
in the absence of ammonia due to the method of production of OH(v=1). 
Given that the intercepts obtained in the bimolecular plots for OH(v=1) + R of 
the other reactions yielded intercepts within error of the OH(v=0) bimolecular 
plot intercepts obtained at the same temperature and density conditions, the 
intercept obtained from the OH(v=0) + ammonia bimolecular plot obtained 
under the same jet conditions was utilised.  
 
Figure 7. 5: Pseudo first order LIF trace of OH(v=1) together with the non linear least 
squares fit of E7.9 to the data (from t = 80 µs onwards) from the reaction of O(1D) + H2 in the 
presence of methanol (1.08 × 1014 molecule cm-3) at 88 ± 4 K and a total gas density of (1.1 
± 0.1) × 1017 molecule cm-3. The least squares fit of E7.10 to the data yields a pseudo first 




Figure 7. 6: Pseudo first order LIF trace of OH(v=2) together with the non linear least 
squares fit of E7.9 to the data (from t = 80 µs onwards) from the reaction of O(1D) + H2 in 
the presence of ethanol (6.13 × 1013 molecule cm-3) at 88 ± 4 K and a total gas density of 
(1.1 ± 1) × 1017 molecule cm-3. The least squares fit of E7.10 to the data yields a pseudo 
first order rate coefficient of 24931 ± 662 s-1. 
 
 
Figure 7. 7: Pseudo first order LIF trace of OH(v=3) together with the non linear least 
squares fit of E7.9 to the data (from t = 80 µs onwards) from the reaction of O(1D) + H2 in the 
presence of propanol (3.95 × 1013 molecule cm-3) at 88 ± 4 K and a total gas density of (1.1 
± 1) × 1017 molecule cm-3. The least squares fit of E7.10 to the data yields a pseudo first 




Figure 7. 8: Pseudo first order LIF trace of OH(v=1) together with the non linear least 
squares fit of E7.9 to the data (from t = 50 µs onwards) from the reaction of O(1D) + NH3 
(2.31 × 1014 molecule cm-3) at 56 ± 4 K and a total gas density of (4.4 ± 0.5) × 1016 molecule 
cm-3. The least squares fit of E7.10 to the data yields a pseudo first order rate coefficient of 
35189 ± 518 s-1. 
 
Figure 7. 9: Variation of kobs with ethanol concentration for OH(v=1) (light blue open circles), 
OH(v=2) (mid blue squares) and OH(v=3) (dark blue triangles) obtained at 88 ± 4 K and a 
density of (1.1 ± 1) × 1017 molecule cm-3 using N2 bath gas.  Each data set is fitted with a 
weighted linear least squares fit of E7.12 (full lines) to the data the gradient of which yields 
the bimolecular rate coefficient. The dashed lines represent the upper and lower 95 % 
confidence limits. The error bars on the pseudo first order rate coefficients result from the 
error in the fit of E7.10 to the data, and in this case the error bars are obscured by the 
symbol. The overall error in the bimolecular rate coefficient is the 95% confidence limits 






Figure 7. 10: Variation of kobs with propanol concentration for OH(v=1) (light blue open 
circles), OH(v=2) (mid blue squares) and OH(v=3) (dark blue triangles) obtained at 88 ± 4 K 
and a density of (1.1 ± 1) × 1017 molecule cm-3 using N2 bath gas.  Each data set is fitted 
with a weighted linear least squares fit of E7.13 (full lines) to the data the gradient of which 
yields the bimolecular rate coefficient. The dashed lines represent the upper and lower 95 % 
confidence limits. The error bars on the pseudo first order rate coefficients result from the 
error in the fit of E7.10 to the data, and in this case the error bars are obscured by the 
symbol.  
 
Figure 7. 11: Variation of kobs with methanol concentration for OH(v=1) (black open circles) 
obtained at 88 ± 4 K and a density of (1.1 ± 1) × 1017 molecule cm-3 using N2 bath gas. Each 
data set is fitted with a weighted linear least squares fit of E7.14 to the data the gradient of 
which yields the bimolecular rate coefficient .The green dashed lines represent the upper 
and lower 95 % confidence limits. The error bars on the pseudo first order rate coefficients 
result from the error in the fit of E7.10 to the data, and in this case the error bars are 
obscured by the symbol. The overall error in the bimolecular rate coefficient is the 95% 
confidence limits propagated with the error in the determination of the total density from the 




Figure 7. 12: Variation of kobs with ammonia concentration for OH(v=1) obtained at 56 ± 4 
and a density of (4.4 ± 0.5) × 1016 molecule cm-3 using Ar bath gas. Each data set is fitted 
with a weighted linear least squares fit of E7.15 to the data the gradient of which yields the 
bimolecular rate coefficient The green dashed lines represent the upper and lower 95 % 
confidence limits. The error bars on the pseudo first order rate coefficients result from the 
error in the fit of E7.10 to the data, and in this case the error bars are obscured by the 
symbol. The overall error in the bimolecular rate coefficient is the 95% confidence limits 
propagated with the error in the determination of the total density from the impact pressure 
measurements. 
 
Table 7. 2: Measured rate coefficients of the reactions of vibrationally excited OH obtained 
in this study, together with the temperatures of the flows generated by the pulsed Laval 
nozzles. Errors have been calculated by propagation of the 95 % confidence limits in the 
bimolecular rate coefficients with the errors in the expansion densities. 












Methanol! 88!±!4! N2! 0.38!±!0.04*! 1.5!±!0.21! M! M!
Ethanol! 88!±!4! N2! 0.55!±!0.06! 2.15!±!0.24! 3.32!±!0.33! 4.50!±!0.51!
Propanol! 88!±!4! N2! 0.7!±!0.1! 2.54!±!0.28! 3.96!±!0.45! 4.74!±!0.75!
Ammonia! 56!±!4! Ar! 0.14!±!0.02! 1.54!±!0.18! M! M!
#Rate coefficients obtained at the same density and temperature as the OH(v) data. The 
ethanol and propanol values comprise a component from the pressure dependent 
channel.*Obtained in Ar jet, however the rate coefficient found was found by Shannon et al. 
to be independent of pressure, so this is insignificant.37  
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The bimolecular rate coefficients obtained in this work for OH(v) + methanol, 
ethanol, propanol and ammonia are summarised in Table 7. 2, and are 
shown alongside the OH(v=0) + R rate coefficients for comparison. 
The rate coefficients for the OH(v) + R reactions were found to be 
significantly faster than measured for OH(v=0), providing evidence that the 
measured rate coefficients for OH(v=0) are either at the low pressure limit (in 
the case of methanol and ammonia) or in the fall off region (in the case of 
ethanol and propanol). To aid comparison, the rate coefficients for OH(v) + 
ethanol, propan-2-ol and ammonia are shown alongside the OH(v=0) values 
in Figure 7. 13, Figure 7. 14 and Figure 7. 15 respectively.  
In the cases of the reactions of ethanol and propanol, for which the rate 
coefficients with OH(v=2) and OH(v=3) were measured, it can be seen that 
the rate coefficient increases with higher vibrational excitation, as shown in 
Figure 7. 13 and Figure 7. 14. This observation is at odds with the proxy 
method hypothesis which assumes that IVR is fast with respect to 
redissociation of the complex, and thus the measured rate coefficient should 
be independent of initial vibrational excitation. The enhancement of the rate 
coefficient with vibrational excitation suggests that the lifetime for the 
complex (OH(v)-R) is insufficient to allow full IVR.  
 
 
Figure 7. 13: Bimolecular rate coefficients for OH + ethanol obtained in this work at a 
temperature of 88 ± 4 K and a total gas density of (1.1 ± 1) × 1017 molecule cm-3 using N2 




Figure 7. 14: Bimolecular rate coefficients for OH + propanol obtained in this work at a 
temperature of 88 ± 4 K and a total gas density of (1.1 ± 1) × 1017 molecule cm-3 using N2 
bath gas as a function of OH vibrational excitation quanta.  
 
 
Figure 7. 15: Bimolecular rate coefficients for OH + ammonia as a function of OH vibrational 
excitation quanta. Black open circles: This work at a temperature of 56 ± 4 K and a total gas 
density of (4.4 ± 0.5) × 1016 molecule cm-3 using Ar bath gas. Blue triangles: Silvente et al. 
at 298 K.4 Dark blue squares: Rensberger et al. at 298 K.38 Light blue pentagons: Cheskis et 
al. at 298 K.36 Grey diamond: Diau et al. at 298 K.39 
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For the OH(v) + ammonia reaction, rate coefficients obtained at 298 K are 
plotted alongside those obtained in this work.4,36,38,39 It can be seen in Figure 
7. 15 that the OH(v=1) + ammonia rate coefficient at 56 K is significantly 
faster than at room temperature. Given the weak binding energy of the OH + 
ammonia complex (7.5 kJ mol-1 according to the calculations Monge-
Palacios et al.35), it would seem unlikely that vibrational relaxation of OH(v) 
would be occurring via the formation of the OH-ammonia complex as its 
lifetime will be reduced with increasing temperature. However, at 298 K 
Silvente et al. noted that OH(v) deactivation by ammonia was highly efficient 
and suggested the role of an OH-ammonia complex.4 The vibrational 
frequency of N-H (3598 cm-1) and the energy difference between OH (v=1-0) 
(3570 cm-1) are sufficiently close so that IVR may be enhanced through 
resonant transfer (see section 7.1.1). 19,20,35,40 Resonant transfer is unlikely 
to be contributing for the ethanol reaction as the nearest vibrational 
frequency is ~ 300 cm-1 greater than the energy difference between OH(v=1) 
and OH(v=0).19,20,23,40 As resonant IVR is much more efficient, the complex 
may not require a long lifetime for vibrational relaxation to occur and so the 
high pressure limiting rate coefficient may be obtainable at lower vibrational 
excitation of OH. At 298 K, the high pressure limit has evidently not be 
obtained as the rate coefficients reported in the literature increase with 
higher vibrational levels, suggesting that the complex lifetime is insufficient 
for full vibrational relaxation.4,36,38 However, at 56 K, the complex lifetime will 
be longer therefore the OH(v=1) + ammonia rate coefficient may be an 
appropriate representation for the high pressure limiting rate coefficient. To 
establish this, further experiments at higher quanta of OH vibrational 
excitation, or trajectory calculations would need to be performed. Hence the 
rate coefficient obtained in this work should be regarded as a lower limit to 
k∞. 
To the authors best knowledge there are no other OH(v) rate coefficient 
measurements for the ethanol and propanol reactions and so the 
corresponding comparisons cannot be made. The ratios of the rate 
coefficients (k(v=3)/k(v=1)) are presented in Table 7. 3, alongside results 
previously obtained by Shannon for the methanol, DME and acetone 
reactions.21  
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Table 7. 3: Ratios of rate coefficients for OH + R reactions obtained at different vibrational 
excitations of OH from this work and by Shannon, shown alongside the predicted ratios from 
the proxy method and SSH theory.21 The co-reactants are ordered in increasing molecular 
size for ease of intercomparison. 
R! Well! depth*!
/!kJ!molM1!
T/K! k(v=1)/k(v=3)! k(v=2)/k(v=3)$ k(v=1)/k(v=2)$
Proxy!
method#!
! ! 1! 1! 1!
SSH!theory#! ! ! 0.33! 0.67! 0.5!
Methanol§! 24! 93!±!4! 0.34! ! !
DME§! 22! 93!±!4! 0.42! ! !
Ethanol! 27! 88!±!4! 0.47! 0.74! 0.64!
Acetone§! 22! 93!±!4! 0.58! ! !
Propanol! 27! 88!±!4! 0.53! 0.83! 0.64!
* Values from ab initio stationary point calculations by Galano et al., Henon et al. and Carr 
et al.22,24,27 # Theoretical values. § By Shannon.21  
 
It can be seen from Table 7. 3 that with increasing molecular size, the ratio 
of k(v=1)/k(v=3) approaches the proxy limit predicted values. The enhanced 
density of states for the complex of larger co-reactants with respect to the 
separated OH and co-reactant species leads to an enhanced lifetime of the 
complex with respect to redissociation.41 Therefore, vibrational relaxation 
amongst the modes of the complex is increasingly competitive with 
redissocation, and therefore on redissociation of the complex, OH is more 
likely to return in the ground vibrational state. This in agreement with the 
hypothesis of Smith and also with the previous low temeprature proxy 
method work of Shannon.5,21 The observation that the rate coefficients 
increase with higher vibrational excitation of OH is indicative that IVR is not 
‘instantaneous’ with respect to the rate of re-dissocation of the complex, and 
so the limiting step in the loss of OH(v) is not the formation of the complex, 
but the rate of IVR. Therefore the values obtained for OH(v) + R are the 
lower limits of the high pressure limiting rate coefficient. This is supported by 
the conclusions of McCabe et al on their work on OH(v=1) + HNO3 at 256-
373 K. Given that SSH theory states that the probabilty, and therefore rate 
coefficient, for IVR increases with increasing vibrational excitation, the rate 
coefficients for OH(v) + R acquired at the highest vibrational excitation are 
the lower limits to ka, and thus the high pressure limit, k∞. 
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7.4 Summary 
The proxy method of Quack, Troe, Jaffer and Smith has been implemented 
in this work to attempt to obtain the high pressure limiting rate coefficients for 
the reactions of OH with ethanol, propanol, methanol and ammonia at low 
temperatures.1,2 The proxy method utilises the ergodicity assumption (that 
energy redistribution is fast) to deduce the high pressure limiting rate 
coefficient for a reaction whereby a complex is formed, by the rate coefficient 
for the loss of a vibrationally excited reactant. Vibrationally excited OH(v) 
was produced and monitored state selectively by laser induced fluorescence 
spectroscopy, and rate coefficients for the loss of OH(v) in the presence of 
the co-reactants was obtained. At low temperatures, the formation of the 
weakly bound complex between OH and the co-reactant has been shown to 
enhance the rate coefficients for bimolecular reaction, and it is the formation 
of the weakly bound complex which facilitates IVR of the vibrational energy 
from the OH vibrational mode amongst the modes of the complex. The proxy 
method predicts that if the complex has a sufficient lifetime, full IVR should 
occur and the OH(v) should be returned vibrationally cold on redissociation 
of the complex. However, SSH theory for vibrational energy transfer states 
that vibrational relaxation is dependent both on the change in vibrational 
quanta, and also on the initial vibrational state. From SSH theory, it would be 
expected that the rate coefficient would increase with higher quanta of 
vibrational excitation.15 Therefore, the rate coefficient for OH(v) + R closest 
to the high pressure limiting rate coefficient for OH + R would be the value 
measured for the highest vibrational level of OH. Alternatively, the proxy 
method predicts that the rate coefficients obtained should be independent of 
the level of vibrational excitation. 
The rate coefficients obtained in this study for OH(v) + R were on the order 
of 10 times greater than the values obtained for OH(v=0) + R , which 
reinforces the pressure dependence studies reported earlier in this thesis 
which determined that the rate coefficients obtained for OH(v=0) + R are in 
the fall off regime or at the low pressure limit. It was found that the rate 
coefficients for OH(v) were enhanced by increasing the quanta of vibrational 
excitation, which is in (qualitative) agreement with predictions of SSH theory. 
The ratios of the rate coefficients for OH(v=1) + R and OH(v=3) + R suggest 
that the mechanism is somewhere between the assumptions made by the 
proxy method and SSH theory. The ratio k(v=1)/k(v=3) was found to 
increase with the size of the co-reactant, R.  This provides evidence for the 
complexes of OH(v)-R being shorter lived for the smaller reactants, and so 
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full IVR is does not occur before redissociation. Even for the largest reactant 
(propanol) full IVR had not been achieved. In the case of OH(v=1) + 
ammonia, it is postulated that resonant IVR may be occurring and so the 
obtained rate coefficient may be a good proxy of the high pressure limiting 
rate coefficient. However, to ascertain that it is not a lower limit further 
experiments would need to be performed at higher vibrational quanta of 
excitation or trajectory calculations performed to investigate the rate of IVR. 
The lower bounds of the high pressure limiting rate coefficients obtained in 
this study for OH + ethanol and OH + propanol have been utilised in the 
extended Lindemann-Hinshelwood fits to the pressure-dependence data in 
Chapter 3 to obtain the low pressure limiting rate coefficients, and hence 
obtain the contribution of the bimolecular channel to the overall rate 
coefficient at low temperatures. Using the values reported in this chapter, it 
was found that the rate coefficients corresponding to the bimolecular 
channel of both of these reactions were significantly enhanced with respect 
to the room temperature values.42 
The data reported in this chapter can be used as lower bound to the 
barrierless association rate coefficient in future master equation calculations. 
This will aid further understanding of the temperature and pressure 
dependence of these reactions which is imperative for ascertaining the 
potential impact of such reactions in the low temperature interstellar regions 
where these species are found.  
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The rate coefficients for a range of OH + oxygenated volatile organic 
compound (oVOC) reactions have been measured at low temperatures – in 
the cases of the OH + ethanol and OH + propanol reactions, these are the 
first measurements below 200 K.1 Measurements of the OH + acetone and 
dimethyl ether (DME) reaction rate coefficients obtained at ~ 140 K are 
complemented by master equation calculations and previous experimental 
results by Shannon.2 Rate coefficients of the OH + methanol reaction 
obtained in this work build on previous work reported by this research group 
and extend the measured temperature range down to 56 K and up to 138 
K.3,4 Additionally, these measurements are additionally supported by  
experiments performed in a cryogenically cooled flow tube apparatus by 
Gomez-Martin.4 
The rate coefficients for the OH + oVOC reactions are found to be 
significantly enhanced at low temperatures despite barriers to hydrogen 
abstraction. A common mechanism is found to be operating in the these 
reactions involving the formation of a weakly bound complex (15-25 kJ mol-1) 
prior to the hydrogen abstraction barrier. At lower temperatures the complex 
is longer lived and has three possible fates: redissociation, collisional 
stabilisation into the pre-barrier well or quantum tunnelling through the H-
abstraction barrier. The postulated mechanism is similar to that proposed for 
the CN + C2H6 reaction though low temperature experiments by Sims et al. 
and theoretical  work by Georgievskii and Klippenstein, and the OH + HNO3 
reaction by Brown et al.5-8 The contributions of the stabilisation and 
tunnelling channels are assessed through pressure dependence studies and 
it is found that quantum tunnelling contributes to the overall rate coefficient 
for all of the reactions. The master equation calculations performed by 
Shannon for the OH + acetone and DME systems are supportive of the 
postulated mechanism. The potential interstellar impact of these reactions 
has been assessed in collaboration with Acharyya and Herbst (U. Virginia)  
and it was found that the OH + methanol reaction had the greatest impact.9  
A dramatic upturn in the rate coefficient for OH + ammonia is also observed 
despite the complex being very weakly bound. At 54 K the rate coefficient 
was found to be two orders of magnitude faster than at room temperature. 
Pressure dependence studies provided evidence for the reaction operating 
purely via the tunnelling channel to yield bimolecular products. The NH2 
product of the OH + ammonia reaction was temporally detected via laser 
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induced fluorescence spectroscopy at 54 K and using an internal standard, 
the yield of the bimolecular channel was found to be ~ 100 %. Ammonia and 
OH are both abundant in low temperature interstellar environments and  
modelling efforts by Acharyya and Herbst (U. Virginia) have demonstrated 
that their reaction may lead to a significant reduction in modelled interstellar 
ammonia. Around a 40 % reduction in ammonia concentration is calculated 
at 10 K and 105 years compared to the model calculated abundance when 
the OH + ammonia is excluded.  
The high pressure limiting rate coefficients at low temperatures were 
explored for these reactions using the proxy method of Jaffer, Smith, Quack 
and Troe. OH was produced in vibrationally excited states and the rate 
coefficients for the reactions of OH(v) with ammonia, methanol, ethanol and 
propanol were state selectively measured via laser induced fluorescence 
spectroscopy. The proxy method postulates that the rate coefficient for a 
reaction featuring an association step measured with the radical in its 
vibrationally excited state  should be equal to the high pressure limiting rate 
coefficient, as the ergodicity principle states that intramolecular vibrational 
redistribution of the excess vibrational energy should be rapid on the 
timescale of redissociation or reaction. It was found that the measured rate 
coefficients increased with quanta of vibrational excitation of OH, which is 
not consistent with the ergodicity principle and is in agreement with SSH 
theory. The rate coefficients obtained at the highest quanta of vibrational 
excitation of OH are concluded to be a lower limit to the high pressure 
limiting rate coefficient for these reactions at low temperature. The obtained 
rate coefficients should aid future master equation calculations performed on 
the OH + oVOC and OH + ammonia reactions.  
The first low temperature study of the reactions of alkoxy radicals (RO) with 
NO was performed and a negative temperature dependence consistent with 
previous literature observations was observed. Measurements of the rate 
coefficients for the reactions of NO + methoxy radicals and NO + ethoxy 
radicals over a pressure range revealed two components to the overall rate 
coefficient: a pressure dependent channel consistent with collisional 
stabilisation of the RONO complex into a deep well, and a pressure 
independent channel consistent with bimolecular product formation. The 
formaldehyde product was temporally detected from the methoxy radical + 
NO reaction and found to be formed with a rate coefficient consistent with 
the value obtained by LIF monitoring of the methoxy radical reactant.  
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The significant enhancement of the rate coefficients at low temperature for 
many hydrogen abstraction reactions studied in this and previous work 
suggests that the postulated mechanism, whereby the formation of the 
complex enhances the probability of tunnelling through the abstraction 
barrier, may be general for hydrogen transfer reactions at low temperature 
where a complex can be formed. The OH + ammonia results obtained in this 
work demonstrate that this is possible even for very weakly bound 
complexes. Further low temperature work should be carried out on other 
reactions of this type, including the OH + methane reaction which was briefly 
discussed in Chapter 5.  
The inability of current theoretical work to reproduce the sharp turnaround 
between the apparent Arrhenius-type behaviour and the inverse temperature 
dependence at low temperatures for the reactions of OH + ammonia and OH 
+ methanol points to interesting potentially non-statistical behaviour which 
could be explored further through trajectory calculations. The continued 
synergy between experimental and theoretical work and the on-going 
advancement of both disciplines will enhance our understanding of complex 
kinetic behaviour for reactions in this class. Collaboration with other CRESU 
research groups to enable a greater temperature range to be achieved and 
utilisation of alternative detection techniques (such as quadrupole mass 
spectrometers with tuneable synchrotron ionization radiation) would be 
highly beneficial. In particular, alternative detection techniques would be 
valuable for product detection and branching ratio assignments, which are of 
importance for use in astrochemical models.   
Efforts to collaborate with the astrochemical community to assess the 
ultimate implications of the laboratory data obtained should be sustained. 
Such co-operation is mutually beneficial and provides guidance for future 
kinetic measurements to be performed to gain a better understanding of 
complex molecule formation in interstellar environments.  
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A.1 Inverse Laplace transform method  
Dr Robin Shannon (University of Leeds) and Dr Arne Bunkan (University of 
Leeds / University of Oslo) have performed master equation calculations on 
the reactions of OH with acetone and DME, and OH with ammonia  the 
results of which are presented in Chapters 4 and 5 of this thesis 
respectively.1 For this purpose, the procedure which Shannon and Bunkan 
employed for the master equation treatment of the barrierless association 
reactions (RA.1) will be briefly outlined.  ! + !! !!!!!!!!!!!!!!! !!!∗        RA.1 !!∗ ! !!!!!!!!!!!!!!!! !! + !        RA.2 
To calculate the microcanonical rate coefficient of a barrierless process, 
k(E), from first principles requires a variational approach which is 
computationally demanding as vibrational frequencies and energies are 
required to be known along the whole potential energy surface.2  
It was first proposed by Slater that the canonical high pressure limiting rate 
coefficient for a unimolecular reaction, k∞-a (T) (such as RA.2), can be related 
to the microcanonical rate coefficient of the process, k(E) via an inverse 
Laplace transform.3 However, the research of the group of Michael Pilling 
has been fundamental for the application of this method to master equation 
calculations and was first implemented by Robertson et al. using the 
relationship shown in E1.30.4  !!!! ! = !!(!) !(!)!!(!)!"# !!!!! !"!!     EA.1 
However, an association reaction between two species A and B (RA.1) is the 
reverse of a unimolecular reaction (RA.2) and the corresponding rate 
coefficients are related to one another through detailed balance (EA.2). !!! ! = !!!! ! !!"       EA.2 
where k∞a (T) and k∞-a (T) are the high pressure limiting canonical rate 
coefficients for RA.1 and RA.2, respectively and Keq is the equilibrium 
constant for the processes. Therefore, the microcanonical rate coefficient 
can be expressed in terms of k∞a (T) as shown in EA.3. !(!) = !!! ! ! !!"(!)!!!! !!(!)        EA.3 
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where ℓ-1 symbolises an inverse Laplace transform. Using the work of Davies 
et al. for the temperature dependent expression of k∞a (T) ,5 Robertson et al. 
are able to yield a complex expression for the microcanonical rate 
coefficient, which is shown in EA.4 and EA.5.4  ! ! = !!!!!(!)!(!!!!.!) !!"#$ ! [ ! − !! − Δ! − !]!!!!.!!"!!!!!!!! EA.4 
where  ! = !!!!!!!!(!!!!)         EA.5 
A∞, n∞ and E∞ are experimentally obtained parameters, G is a mathematical 
function known as the gamma function, h is Planks constant, r(E) is the 
density of states of the reactant, rprod(E) is the convoluted density of states 
of the products, DH is the energy difference between reactants and 
products, and ma and mb are the masses of the product species. For further 
details about this method and a full derivation see Davies et al.5 Robertson 
et al.4 and Glowacki et al.6  
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B.1 Temperature profiles of the jets utilised in this study 
obtained via impact pressure measurements. 
Below are the temperature profiles of the stable expansions utilized in 
this study. Black circles denote the stable jet, red circles denote where 
the jet was considered to lose stability. The nozzle was positioned at 
the distance from the impact pressure transducer indicated by the 




Figure 1: T = 56 ± 4 K. Total gas density = (4.4 ± 0.5) × 1016 molecule cm-3. Bath gas 




Figure 2: T = 54 ± 6 K. Total gas density = (8.0 ± 1.4) × 1016 molecule cm-3. Bath gas 
= Ar. Stable jet length = 14.2 cm. Chamber pressure = 0.90 Torr. M = 3.70 ± 0.30.  
 
Figure 3: T = 53 ± 9 K. Total gas density = (15 ± 4) × 1016 molecule cm-3. Bath gas = 




Figure 4: T = 88 ± 5 K. Total gas density = (3.5 ± 0.5) × 1016 molecule cm-3. Bath gas 
= N2. Stable jet length = 25.5 cm. Chamber pressure = 0.47 Torr. M = 3.49 ± 0.47.  
 
Figure 5: T = 90 ± 6 K. Total gas density = (4.1 ± 0.6) × 1016 molecule cm-3. Bath gas 




Figure 6: T = 89 ± 3 K. Total gas density = (6.5 ± 0.6) × 1016 molecule cm-3. Bath gas 
= N2. Stable jet length = 20.0 cm. Chamber pressure = 0.81 Torr. M = 3.43 ± 0.09. 
 
  
Figure 7: T = 86 ± 3 K. Total gas density = (6.8 ± 0.6) × 1016 molecule cm-3. Bath gas 




Figure 8: T = 88 ± 4 K. Total gas density = (7.4 ± 0.8) × 1016 molecule cm-3. Bath gas 
= N2. Stable jet length = 17.6 cm. Chamber pressure = 0.77 Torr. M = 3.47 ± 0.10. 
   
 
Figure 9: T = 91 ± 4 K. Total gas density = (8.3 ± 0.9) × 1016 molecule cm-3. Bath gas 




Figure 10: T = 88 ± 8 K. Total gas density = (9.4 ± 1.3) × 1016 molecule cm-3. Bath gas 




Figure 11: T = 89 ± 4 K. Total gas density = (11 ± 1) × 1016 molecule cm-3. Bath gas = 
N2. Stable jet length = 16.0 cm. Chamber pressure = 1.13 Torr. M = 3.42 ± 0.11. 
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Figure 12: T = 88 ± 4 K. Total gas density = (11 ± 1) × 1016 molecule cm-3. Bath gas = 
N2. Stable jet length = 16.0 cm. Chamber pressure = 1.31 Torr. M = 3.46 ± 0.11. 
 
 
Figure 13: T = 84 ± 4 K. Total gas density = (16 ± 2) × 1016 molecule cm-3. Bath gas = 




Figure 14: T = 82 ± 3 K. Total gas density = (16 ± 2) × 1016 molecule cm-3. Bath gas = 
N2. Stable jet length = 15.0 cm. Chamber pressure = 1.72 Torr. M = 3.65 ± 0.10. 
 
 
Figure 15: T = 138 ± 9 K. Total gas density = (8.0 ± 1.0) × 1016 molecule cm-3. Bath 




Figure 16: T = 148 ± 15 K. Total gas density = (10 ± 2) × 1016 molecule cm-3. Bath gas 
= N2. Stable jet length = 5.0 cm. Chamber pressure = 2.90 Torr. M = 2.26 ± 0.23. 
 
 
Figure 17: T = 133 ± 10 K. Total gas density = (13 ± 3) × 1016 molecule cm-3. Bath gas 





Figure 18: T = 144 ± 15 K. Total gas density = (18 ± 2) × 1016 molecule cm-3. Bath gas 
= N2. Stable jet length = 4.0 cm. Chamber pressure = 5.16 Torr. M = 2.32 ± 0.24. 
 
 
Figure 19: T = 146 ± 15 K. Total gas density = (26 ± 4) × 1016 molecule cm-3. Bath gas 







For a linear first order differential equation such as EC.1, the general 
solution is obtained from EC.2 using the integrating factor method. From the 
basis of these equations, the derivations for the fitting equations used in this 
work will be presented.  !"(!)!" + ! ! ! ! = !(!)       EC.1 ! ! = (!(!) ! ! ! !")!"! !!! ! ! !"        EC.2 
where c is a constant.  
C.1 Derivation of the single exponential loss fitting equation 
For a reaction with a schematic k→l, where k is the species of interest, then 
the following schematic is employed. The example used here is the loss of 
the hydroxyl radical, OH.  
Assuming an instantaneous production of OH, such as by PC.1, and the 
reaction scheme RC.1 and RC.2 where the co-reagent R is assumed to be 
in great excess (so that the reaction is under pseudo first order conditions), 
the differential equation is given below in EC.3.  (!!!)!!""# + ℎ!! → !" + !" − !"#$%&'( (instantaneous) PC.1 !" + !! → !"#$%&'(    (kr)   RC.1 !" → !"##      (kloss)   RC.2 ![!"]!" = − !!! + !!"## !" = −!!"#[!"]     EC.3 
where k’r is the pseudo first order rate coefficient for RC.1 when R is in great 
excess and kobs is the experimentally observed rate coefficient.  
Rearranging yields EC.4, and integration between time t and time 0 yields 
the fitting equation, EC.5. 
 ![!"][!"] = −!!"#!"        EC.4 [!"]! = [!"]!exp!(−!!"#)!      EC.5 
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C.2 Derivation of the exponential growth-exponential loss fitting 
equation 
For a reaction with a schematic of j→k→l, where the species of interest is k, 
then the following equation is derived. The example used here is the 
formation of the hydroxyl radical and its subsequent loss.  
From the production scheme P1.2 and the reaction schemes RC.1-RC.4 the 
differential equations for OH* (EC.6) and OH (EC.7) are obtained. (!!!)!!""# + ℎ!! → !",!!∗ + !" − !"#$%&'( (instantaneous) PC.2 !"∗ +! → !" +!     (krel)   RC.3 
The bath gas, M, is in great excess of OH* under experimental conditions 
and so the RC.3 can be considered pseudo first order (RC.4). !"∗ → !"      (k’rel)   RC.4 !" + !! → !"#$%&'(    (kr)   RC.1 !" → !"##      (kloss)   RC.2 ![!"∗][!"∗] = −!!"#! !"        EC.6 ![!"]!" = − !!! + !!"## !" + !!"#! !"∗ = − !!"# !" + !!"#! !"∗  EC.7 
The integrated solution to EC.6 is EC.8 [!"∗]! = [!"∗]!!"#!(−!!"#! !)      EC.8 
which can then be inserted into EC.7 ![!"]!" = − !!"# !" + !!"#! !"∗ !exp!(−!!"#!)    EC.9 
Applying EC.1 and EC.2 using the parameters shown in EC.10 and EC.11, 
the expression shown in EC.12 is obtained.  !(!) = − !!"#         EC.10 !(!) = !"∗ !exp!(−!!"#! !)       EC.11 [!"]! = [!"∗]!!!"#!!"#!!!"# !!"# !!"#!!!"# !!!!!!"#!       EC.12 
simplifying yields EC.13. [!"]! = [!"∗]!!!"#!!"#!!!"# !!!!!"#! ! + !!!!!"#!     EC.13 
C is obtained from the expression for [OH] at time zero (EC.14, EC.15).  [!"]! = [!"∗]!!!"#!!!"#!!!"#! !+ !       EC.14 
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! = [!"]! − [!"∗]!!!"#!!!"#!!!"#!        EC.15 
Substituting into EC.13 yields EC.16, which is then simplified to obtain the 
fitting equation EC.17. [!"]! = [!"∗]!!!"#!!!"#!!!"#! !!!!!"#! + [!"]! − [!"∗]!!!"#!!!"#!!!"#! !!!!"#!   EC.16 [!"]! = [!"∗]!!!"#!!!"#!!!"#! ! !!!!"#! ! − !!!!"#! + [!"]!!!!!"#!   EC.17 
An equivalent expression is also used for the some of alkoxy radical loss 
traces and the HCHO product traces (Chapter 6).  
C.3 Derivation of the biexponential growth-exponential loss 
fitting equation 
For the product detection of NH2 from the reaction of OH + ammonia 
(Chapter 5) a tri-exponential equation was utilised to fit the data owing to the 
complicated reaction scheme which is given below. Assuming pseudo first 
order conditions so that [NH3] >> [OH], then k5.2 becomes kx and k5.1 
becomes ky, the pseudo first order rate coefficients.  !! + ℎ!! → !(!!)+ !!    (instantaneous) PC.3 !(!!)+ !!! !→ !" + !"!!   (k5.2 → kx)    RC.5 !" + !!! !→ !!! + !!!    (k5.1 → ky)    RC.6 
f signifies the yield of NH2 produced from RC.3, so that in the solution to the 
differential equation, the relative yields of NH2 from RC.3 and RC.4 can be 
compared. It is assumed that both OH and NH2 are lost with the same first 
order loss rate coefficient, kloss, via diffusion. !"! → !"##      (kloss)     RC.2 !!! !→ !"##      (kloss)     RC.7 
The following differential equations are constructed for O(1D) (EC.18) OH 
(EC.19) and NH2 (EC.20), with the solution for O(1D) also given in EC.18. ![!(!!)]!" = −!![!(!!)] !"#$%& [!(!!)]! = [!(!!)]!!"#!(−!!!)  EC.18 ![!"]!" = !![!(!!)]− !![!"]− !!"##[!"] = !![!(!!)]− !!"#[!"] EC.19 ![!!!]!" = !. !![!(!!)]+ !![!"]− !!"##[!!!]    EC.20 
The integrated solution to EC.19 is analogous to the solution obtained in 
section C.2, however the second term is removed given that at time zero, 
there is no OH, as shown in EC.21. 
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[!"]! = [!(!!)]!!!!!"#!!! ! !!!!! − !!!!"#!      EC.21 
Therefore the differential equation for NH2 can now be expressed by EC.22 ! !!!!" = !. !! [!(!!)]!!!!!! !! +!! [!(!!)]!!!!!"#!!! ! !!!!! − !!!!"#! − !!"##[!!!]!!
which can be rearranged to: 
EC.22 
! !!!!" + !!"## !!! = !![!(!!)]!!. !!!!! ! + !!!!"# − !!! − !!!!"# − !! !!!!"#! !
which can then be simplified for ease of calculation to EC.24!
EC.23 
! = ! + !!!!"#!!!  ! = !!!!"#!!!       ! !!!!" + !!"## !!! = !![!(!!)]! !. !!!!! − !. !!!!"#! ! ! ! EC.24!
The general solution to a first order differential equation is  !(!) = !!"##         EC.25 !(!) = !![!(!!)]! !!!!!! + !!!!!"#!      EC.26 ![!!!]!" + ! ! !!! ! = !(!)      EC.27 !(!)!" = !!"## !" = !!"##!      EC.28 ! ! !!!"##! !" = !![!(!!)]! !!!"##!!! ! !!"##!!! ! − !!!"##!!!"# ! !!"!!!!!"# !   
          EC.29 !!! ! = !![!(!!)]! !!!"##!!! ! !!! ! − !!!"##!!!"# ! !!!"# ! + !!!!!"##! EC.30 ! = −!![!(!!)]! !!!"##!!! − !!!"##!!!"#      EC.31 !!! ! = !![!(!!)]!       EC.32 . !!!"##!!! ! !!! ! − !!!"##!!!"# ! !!!"# ! − !!!"##!!! − !!!"##!!!"# !!!!"##!   
Rearrangement of EC.32  and substitution of EC.24 EC.25, and kobs=ky+kloss 
into the solution yields the final fitting equation, EC.3 !!! ! = !![!(!!)]!!!!!!"##!!!  
 × ! !!!!!"##!!! !!!!!"##!!! !!!!! − !!!!"##! + ! !!!!!!"## ! − !!!!"##! EC.33 




D.1 Concentration of CH3O radicals generated from the 248 nm 
photolysis of methyl nitrite. !!!! = !!"#!!".!!"#!!".!!!!!ℎ!"!#$. !"#!!!"!!ℎ!"!#$%&%!!"#$%. [!!!!!"!]! ! ED.1 
Percentage of methyl nitrite in jet = 0.035%. 
Concentration of methyl nitrite = 1.2 × 1013 molecule cm-3.  
σ248 nm ~ 1.6 × 10-18 molecule-1 cm2 (interpolated from measurements at 245 
and 250 nm by Sander et al.1) 
ɸ248 nm estimated as 1. 
Area of photolysis laser beam = 0.28 cm2.  
Photolysis laser energy = 303 mJ/pulse.  
Number of photolysis photons = 3.8 × 1017.  
[CH3O] = 1 × (1.6 × 10-18) × (3.8 × 1017) × 0.28 × (1.2 × 1013).  
[CH3O] = 2.2 × 1012 molecule cm-3. 
 
D.2 Concentration of C2H5O radicals generated from the 248 nm 
photolysis of methyl nitrite. !!!!! = !!"#!!".!!"#!!".!!!!!ℎ!"!#$. !"#!!!"!!ℎ!"!#$%&%!!"#$%. [!!!!!"!]! ! ED.2 
Percentage of ethyl nitrite in jet = 0.0234%  
Concentration of ethyl nitrite = 8.3 × 1012 molecule cm-3. 
σ248 nm ~ 2.38 × 10-18 molecule-1 cm2 (interpolated from measurements at 245 
and 250 nm by Maricq and Wallington2). 
ɸ248 nm estimated as 1. 
Area of photolysis laser beam = 0.28 cm2. 
Photolysis laser energy = 327 mJ/pulse. 
Number of photolysis photons = 4.1 × 1017.  
[C2H5O] = 1 × (2.38 × 10-18) × (4.1 × 1017) × 0.28 × (8.3 × 1012)  
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[C2H5O] = 2.3 × 1012 molecule cm-3. 
 
D.3 CH3O versus OH detection 
Methoxy radicals from photolysis of methyl nitrite (off resonance detection ~ 
309.5 nm): [CH3ONO]  in the jet = 1.2 × 1013 molecule cm-3, yielding 2.2 × 
1012 molecule cm-3 methoxy radicals, as shown in section D.1. Figure 17 of 
Chapter 3 shows that this yields a maximum fluorescence signal height of 3 
(arb. units) from the wavelength scan, with PMT voltage of 1969 V.  
OH radicals from O3 photolysis in the presence of  excess H2 (on resonance 
detection at ~ 308 nm): !" = !!"#!!".!!"#!!".!!!!!ℎ!"!#$. !"#!!!"!!ℎ!"!#$%&%!!"#$%. [!!]! ! ED.3 
Concentration of ozone in the jet = 2.3 × 1012 molecule cm-3. 
σ248 nm ~ 1.07 × 10-17 molecule-1 cm2. 
ɸ248 nm =0.9.  
Area of photolysis laser beam = 0.28 cm2. 
Photolysis laser energy = 303 mJ/pulse.  
Number of photolysis photons =3.8 × 1017.  
[OH] = 0.9 × (1.07 × 10-17) × (3.8 × 1017) × 0.28 × (2.3 × 1012)  
[OH] = 2.3 × 1012 molecule cm-3. 
A laser excitation wavelength scan yields a maximum fluorescence signal 
height of 18 (arb. units)  with PMT voltage of 1666 V. The specifications of 
the PMT (Thorlabs 9813 B) indicate that there is factor of ~ 50 increase in 
the gain between 1666-1969 V, therefore the equivalent methoxy signal is 
0.06 (3/50 = 0.06). Therefore the signal for OH compared to methoxy 
radicals is 18/0.06 = 300 times larger. 
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QCISD$ Quadratic$ configuration$ interaction$ with$ singles$ and$ doubles$
excited$determinants$
QCISD(T)$ Quadratic$ configuration$ interaction$ with$ singles$ and$ doubles$
excited$determinants$and$with$estimated$triples$contributions$




CASSCF(8,8)$ Complete$ active$ space$ self$ consistent$ field$ theory$ with$ 8$
electrons$distributed$in$all$possible$ways$in$8$orbitals$
CASPT3(8,8)$ Third$order$multireference$perturbation$theory$with$complete$
active$ space$ reference$ and$with$ 8$ electrons$ distributed$ in$ all$
possible$ways$in$8$orbitals$
ROHF$ Restricted$openEshell$HartreeEFock$theory$
B3LYP$ A$ density$ functional$ theory$ exchangeEcorrelation$ hybrid$
functional:$Becke$3$parameter$functional$with$Lee$Yang$Parr$
BHandHLYP$ A$ density$ functional$ theory$ exchangeEcorrelation$ hybrid$
functional:$Becke$half$and$half$Lee$Yang$Parr$
MPW1K$ A$ density$ functional$ theory$ exchangeEcorrelation$ hybrid$
functional:$ Modified$ Perdew$ Wang$ 1$ parameter$ model$ for$
kinetics.$
AVDZ$ see$augEccEpVDZ$
M06E2X$ A$ Minesota$ exchangeEcorrelation$ functional$ for$ density$
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functional$ theory$ published$ in$ 2006$ with$ 54$ %$ HartreeEFock$
exchange.$$
augEccEpVDZ$ A$ Dunning$ type$ basis$ set:$ augmented$ correlationEconsistent$
polarised$double$zeta$basis$set$$







6E311G**$ Pople$ type$ basis$ set$ with$ no$ diffuse$ functions$ but$ a$ single$








and$ p$ orbitals$ to$ heavy$ atoms$ and$ 3$ and$ 1$ polarisation$
functions$ on$ the$ d$ and$ f$ orbitals$ respectively$ on$ the$ heavy$
atoms,$and$2$diffusive$functions$on$the$p$orbitals$of$hydrogen$
6E311++G(d,p)$ Pople$type$basis$set$with$one$set$of$diffuse$functions$on$the$s$
and$p$orbitals$ to$heavy$atoms$and$diffuse$ functions$added$ to$
hydrogen$on$the$s$orbital$with$one$polarisation$function$on$the$
d$orbitals$of$heavy$atoms$and$one$polarisation$function$on$the$
p$orbitals$of$hydrogen$
 
